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ABSTRACT 
 
In the global warming scenario, a literature review on carbon dioxide capture 
technologies shows that CO2 capture by chemical absorption seems to be the 
immediately viable route for sustainable energy supply in near future. The 
technology for chemical absorption is available and has been practiced in the 
industry. Development and identification of optimal absorbents for absorption is 
required to employ it on the scale required for CO2 capture and to minimize the 
energy penalty of capture.  
Hydroxide and carbonate systems have been used for absorption of CO2 from the 
beginning of the 20
th
 century in different industrial processes. Though the use of 
hydroxides and carbonates remained persistent in special applications but the use of 
these systems in industrial gas cleaning units decreased after the introduction of 
alkanolamines as absorbents. During the last two decades, hydroxide and carbonate 
systems have regained interest in post combustion CO2 capture by absorption. 
Potentially low energy requirements for the capture process based on hydroxide and 
carbonate systems and being environment friendly are advantages over the energy 
intensive amine based CO2 capture solvents and environmental issues arising from 
degradation of amines.  
This thesis contributes to the kinetics and equilibrium of CO2 absorption into 
hydroxide and carbonate systems. The measured experimental data on CO2 
absorption and physical solubility of CO2 (from N2O solubility using N2O analogy) 
into these systems, in addition to vapor liquid equilibrium (VLE) data were used to 
evaluate the activity based kinetics of the reaction of CO2 with hydroxyl ion (OH
-
) 
containing Li
+
, Na
+
 and K
+
 counter ions. To study the kinetics of the CO2 reaction 
with hydroxyl ion is important not only for hydroxide and carbonate systems but it 
is significant as this reaction occurs in all alkaline systems including alkanolamines.  
The density and N2O solubility data into aqueous hydroxides and blends of 
hydroxides with carbonates containing Li
+
, Na
+
 and K
+
 counter ions were 
experimentally determined. The measured density data were compared with an 
empirical density model available in the literature. The measured N2O solubility 
data were used for the refitting of parameters in an extensively used solubility 
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model available in the literature for up gradation to wider ranges of temperature and 
concentration.     
The measured N2O solubility data and VLE data collected from the literature were 
simultaneously regressed using an in-house equilibrium model to determine the 
interaction parameters in the Electrolyte-NRTL model. The determined Electrolyte-
NRTL parameters were subsequently used for the estimation of liquid phase 
activities of CO2 and OH
-
 in the systems containing Li
+
, Na
+
 and K
+
 counter ions. 
The kinetics of aqueous hydroxides and blends of hydroxides with carbonates 
containing Li
+
, Na
+
 and K
+
 counter ions were experimentally measured using a 
string of discs contactor (SDC). The measured data were used for the parameter 
optimization in a widely used kinetics model available in the literature to a broader 
range of temperature. 
Finally, the activity based kinetics of the CO2 reaction with OH
-
 were determined 
using the measured kinetics data and the calculated liquid phase activities of CO2 
and OH
-
 in the aqueous solutions containing Li
+
, Na
+
 and K
+
 counter ions.
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1. Introduction and Motivation 
Human activities have changed and continue to change the Earth’s surface and 
atmospheric composition. Apprehension about global warming due to prolonged 
emissions of human-made greenhouse gases (GHGs) entered into force at the United 
Nations Framework Convention on Climate Change (UNFCCC) on 21
st
 March 1994. 
As of March 2014, UNFCCC has 196 parties with the objective of stabilizing GHGs 
in the atmosphere at a level preventing “dangerous anthropogenic interference with 
the climate system.” The Intergovernmental Panel on Climate Change (IPCC, 2013) 
shows that collective and significant global action is needed to reduce greenhouse 
gas emissions in order to keep global warming below 2°C. The IPCC report says that 
the longer we wait, the more expensive and technologically challenging meeting this 
goal will be (ECCA, 2014). The limit of 1°C global warming, aiming to avoid 
practically irreversible ice sheet and species loss tolerating maximum CO2 ~ 450 
ppm with reasonable control of other GHGs, has also been argued (Hansen et al., 
2008).  
The end product of current fossil fuel based electricity production technologies is 
CO2, which is released to the biosphere. This anthropogenic CO2 accumulates 
mainly in the atmosphere in a process which is practically irreversible in present 
scenario because natural carbon sequestration processes are very slow and the CO2 
binding potential of terrestrial plants has been considerably reduced as compared to 
previous centuries due to excessive industrialization and deforestation. 
Consequently, anthropogenic CO2 emissions affect the equilibria of natural carbon 
cycles and the CO2 concentration in the atmosphere (Budzianowski, 2011). The 400 
ppm CO2 level was recorded in 2013:  
“In 2013, carbon dioxide concentrations for the first time in recorded history 
exceeded 400 parts per million (ppm) at Mauna Loa —considered a “global 
benchmark” monitoring site—in early May. This year (2014), CO2 exceeded 400 
ppm at Mauna Loa in mid-March, two months earlier than last year (2013). 
Concentrations at Mauna Loa have continued to top 400 ppm throughout much of 
April and are expected to stay at historic high levels through May and early June 
(2014.” (NOAA/ESRL, 2014).  
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1.1. Green House Effect and Climate Change 
The climate system of the Earth is driven by solar radiation as shown by Figure 1.1. 
Since the temperature of the Earth has been relatively constant over many centuries, 
the incoming solar energy must be in balance with outgoing radiation. Nearly half of 
the incoming solar shortwave radiation (SWR) is absorbed by the Earth’s surface 
and about 30% of absorbed SWR is reflected back to space by gases, aerosols, 
clouds and by the Earth’s surface (albedo) while about 20% is absorbed in the 
atmosphere (IPCC, 2013). 
 
Figure 1.1: Main drivers of climate change. The radiative balance between incoming solar shortwave 
radiation (SWR) and outgoing longwave radiation (OLR) is influenced by global climate ‘drivers’. Natural 
fluctuations in solar output (solar cycles) can cause changes in the energy balance (through fluctuations in 
the amount of incoming SWR). Human activity changes the emissions of gases and aerosols, which are 
involved in atmospheric chemical reactions, resulting in modified O3 and aerosol amounts. [(Forster et al., 
2007); (IPCC, 2013)]. 
 
Due to low temperature of the Earth’s surface, most of the outgoing energy flux 
from the Earth is longwave radiation (LWR). The LWR emitted from the Earth’s 
surface is largely absorbed by certain atmospheric constituents; clouds, water vapors, 
CO2, CH4, N2O and other greenhouse gases (GHGs), which themselves emit LWR in 
all directions. The downward directed component of this LWR adds heat to the 
lower layers of the atmosphere and to the Earth’s surface (greenhouse effect). The 
dominant energy loss of the infrared radiation from the Earth is from higher layers of 
the troposphere. The solar energy primarily falls in the tropics and the subtropics of 
Earth and this energy is then partially redistributed to middle and high latitudes by 
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atmospheric and oceanic transport processes. The radiative energy budget of the 
Earth is almost in balance as shown by Figure 1.1, but ocean heat content and 
satellite measurements indicate a small positive imbalance [(Murphy et al., 2009); 
(Trenberth et al., 2009); (Hansen et al., 2011)] that is consistent with the rapid 
changes in the atmospheric composition (IPCC, 2013). 
To avoid imbalance of radiative energy and to achieve CO2 stabilization targets 
below 450 ppm, demands that global net CO2 emissions will eventually have to be 
reduced to near zero or may even need to become negative [(Azar et al., 2006); 
(Forster et al., 2007); (Knopf et al., 2009)]. Negative emissions can be attained by 
several techniques, including reforestation, direct air capture, and the combination of 
Bio Energy with Carbon Capture and Storage in power plants.  
1.2. Cost Effective and Sustainable Energy Supply 
Sustainable energy supply and reduction of CO2 emissions are priorities on the 
global political agendas. Although the constraint for reduction in CO2 emission is 
increasing, the cost of CO2 capture remains a limiting factor for large scale 
application (Abu-Zahra et al., 2007). Reducing the cost of the capture step by 
improving the process and the solvent used must have top priority in order to apply 
this technology in the future. Much of the research in the area of CO2 recovery and 
storage focuses on minimizing the energy required for CO2 capture, as this step 
corresponds to the major cost contribution of the overall value chain (capture, 
transportation, injection) [(Rao and Rubin, 2002); (Rao et al., 2006); (Pires et al., 
2011)].  
Out of the traditional methods of CO2 capture (absorption, adsorption, cryogenics 
and membrane processes), absorption is considered to be the best available 
technology for post-combustion applications (Abu-Zahra et al., 2013). The cost of 
capturing CO2 depends on the type of power plant used, its overall efficiency and the 
energy requirements of the capture process.  
In post-combustion absorption system, CO2 is separated from the flue gas by passing 
the flue gas through a continuous scrubbing system. The system consists of an 
absorber and a stripper. Absorption processes utilize the reversible chemical reaction 
of CO2 with an aqueous alkaline absorbent at 1-1.2 bar pressure and 40-60°C 
temperature. In the stripper, the absorbed CO2 is desorbed from the absorbent and a 
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pure stream of CO2 is sent for compression while the regenerated absorbent is sent 
back to the absorber. Heat is required in the reboiler to heat up the absorbent to the 
required temperature (100-120°C); to provide the heat of desorption and to produce 
steam (about at 2 bar) in order to provide the required driving force for CO2 
stripping from the absorbent. This leads to the main energy penalty on the power 
plant. In addition, energy is required to compress the CO2 to the conditions needed 
for storage and to operate the pumps and blowers in the process. 
1.2.1. Biomass as renewable energy resource 
Apart from the electricity sector, renewable energy sources like bioenergy for the 
generation of heat and the use of environmental friendly bio-fuels for the transport 
sector will become more and more important in the future (Jäger-Waldau et al., 
2011). Biomass fuels and residues can be converted to energy via thermal, biological 
and mechanical or physical processes. Wood, annual energy crops and residues from 
agricultural and forestry are some of the main bioenergy resources available. The 
biodegradable components of municipal solid waste (MSW) and wastes from 
commercial and industrial divisions are also significant bioenergy resources, 
although particularly in the case of MSW, they may require extensive processing 
before conversion (Bridgwater, 2006).  
To mitigate the global warming, substitution of biomass for fossil fuels in energy 
consumption is irrevocable, and political action plans exist worldwide for an 
increased use of biomass. The use of biomass for energy can imply different 
economic and environmental advantages and disadvantages for the society and the 
energy sector. For the achievement of an increased and sustainable use of biomass 
for energy, synthesis and creation of new knowledge within the field is inevitable. 
1.2.2.  The BECCS approach 
Energy portfolios from a broad range of energy technologies are required to attain 
desired concentrations of greenhouse gases. Scenario studies carried out by (Azar et 
al., 2010), to investigate the technological and economic attainability of reduced CO2 
concentrations, revealed that negative emission technologies e.g., biomass energy 
with carbon capture and storage (BECCS) can significantly enhance the possibility 
to achieve low concentration targets (at around 350 ppm CO2).  According to the 
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International Energy Agency (IEA), electricity generation from bioenergy should 
more than triple over the period (2013-2035), with China, United States and the 
European Union accounting for over half of the growth in New Policies Scenario, 
2013-2035. Its share of total power generation doubles from 2% to 4% (IEA, 2013). 
The BECCS approach enhances natural biological processes that take CO2 out of the 
atmosphere and sequester it in plants, soils, and marine sediments. 
Biomass with capture provides an energy product i.e. electricity, hydrogen, or 
ethanol while simultaneously achieving capture of CO2 from the air. This may result 
in nearly twice the effective CO2 mitigation compared to conventional biomass 
energy systems (Keith et al., 2006). In a recent publication (Yılmaz and Selim, 
2013), a detailed overview of methods for biomass to energy conversion systems 
design has been presented which describes the huge potential of biomass to energy 
conversion. According to (Möllersten et al., 2003), the biomass based energy 
conversion with CO2 capture can be divided into four main process groups.  
1. Gasification of biomass and pre combustion CO2 capture  
2. Oxy-combustion of biomass with water condensation and CO2 capture  
3. Biomass conversion to secondary fuels with CO2 capture 
4. Biomass combustion with CO2 capture from the flue gases  
However, a particular biomass source may be burnt in air, gasified, pyrolysed, 
fermented, digested, or undergo mechanical energy extraction. Theoretically the total 
energy obtainable or extractable from the resource is the same. Practically the actual 
amount of energy obtained and the form of that energy will vary from one 
conversion process technology to another (McKendry, 2002). 
Biomass combustion with CO2 capture from the flue gases is a technically mature 
process. Absorption is the most commonly used technology for capturing CO2 from 
gas streams, whereby chemical or physical solvents are used to scrub the gases and 
collect the CO2. Chemical absorption is a proven end of pipe method for capturing 
CO2 from flue gases [(Möllersten et al., 2003); (White et al., 2003)]. 
1.2.3. Composition of biomass and flue gas emissions 
The components of biomass comprise cellulose, hemicelluloses, lignin, lipids, 
proteins, sugars, starches, water, hydrocarbon, ash, and other compounds. The 
concentration of each class of compound differs depending on species, type of plant 
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tissue, phase of evolution, and growing conditions (Khan et al., 2009). The bulk 
composition of biomass in terms of carbon, hydrogen, and oxygen (CHO) does not 
differ much among different biomass sources. Common (dry basis) weight 
percentages for C, H, and O are 30 to 60%, 5 to 6%, and 30 to 45% respectively. C, 
H, O portions can be different for different fuels [(Faaij et al., 1997); (Faaij, 2004)]. 
Relative to coal, biomass generally has less carbon, more oxygen, more silica, 
chlorine and potassium, less aluminum, iron, titanium and sulfur, and sometimes 
more calcium. 
According to the Biomass Energy Centre UK (BEC, 2014),  there can be about 0.3% 
nitrogen, 0.1% sulphur, 0.1% chlorine, and trace quantities of various minerals such 
as calcium, potassium, silicon, phosphorus and sodium. Ash is the inorganic 
incombustible part of fuel which is left after complete combustion which contains 
the bulk of the mineral fraction of the original biomass. 
The principal concerns about biomass emissions are due to small 
particulates (PM10 and PM2.5; particles smaller than 10 microns and 2.5 microns 
respectively). Recently published review on  flue gas cleaning from combustion of 
biomass (Singh and Shukla, 2014) throws light on different technologies addressing 
the problem.  
Sulphur and chlorine together with nitrogen are responsible for gaseous emissions 
including SOx, NOx, and HCl and to a certain extent dioxins and furans (Khan et al., 
2009). Water and CO2 are inevitable consequences of burning any CHO containing 
material. Under conditions of insufficient oxygen supply or incomplete 
combustion, carbon monoxide (CO) and soot can also be formed.  
Biofuels require comparatively longer residence times in the high temperature zone 
than coal (Khan et al., 2009). In a well-designed combustion system, which allows 
sufficient oxygen, time and turbulence within the combustion chamber for complete 
combustion, levels of CO within the flue gases can be kept to a minimum. 
NOx formation can be avoided by using advanced burners and controlling flame 
temperature.  
Although emissions from fossil fuel burning and from biomass combustion are 
widely varying both on constituent and concentration basis, all emissions except CO2 
can be either avoided/reduced or pre-treated before CO2 capture.  
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1.3.  CO2 Absorption into Hydroxide and Carbonate 
Systems 
CO2 absorption into hydroxides and carbonates of alkali metals, especially lithium, 
sodium and potassium, has been studied and used for several applications since early 
20
th
 century [(Hitchcock, 1937); (Welge, 1940); (Kohl and Nielsen, 1997)]. During 
the last two decades, due to increased environmental concerns and stringent 
conditions for CO2 emissions from power plants, energy intensive regeneration of 
amine based CO2 capture solvents, environmental issues arising from thermal 
degradation of amines (Rochelle, 2012b) and other socioeconomic factors, these 
systems have regained attention [(Cullinane and Rochelle, 2004);(Corti, 2004); 
(Knuutila et al., 2009); (Mumford et al., 2011); (Anderson et al., 2013); (Smith et al., 
2013)].  
Systems based on lithium hydroxide (LiOH) have been used for life support since 
the early days of space exploration and are employed in submarines to control CO2 
levels in case of an emergency[(Norfleet and Horn, 2003); (Matty, 2008)]. The 
technologies  for CO2 capture directly from ambient air [(Zeman, 2007); 
(Mahmoudkhani and Keith, 2009); (Goeppert et al., 2012)] involve chemical 
absorption by strong bases like NaOH, KOH, Na2CO3, K2CO3, Ca(OH)2.  
In a feasibility report commissioned by Australian National Low Emissions Coal 
R&D Program (Liu et al., 2012) alkali scrubbing of CO2 and SO2 with 
NaOH/Na2CO3/NaHCO3 at atmospheric pressure was studied in semi- batch well 
stirred reactor. The report concluded that aqueous NaOH is an active solution to 
absorb both CO2 and SO2; the absorption of CO2 is mainly liquid phase controlled 
and the absorption of SO2 is mainly gas phase controlled.  They recommended 
operational conditions for operation of practical scrubbers at a pH value window 
between 4 and 5.5 to minimize the consumption of the NaOH reagent yet still allow 
high rates of absorption during scrubbing. It was found that operation at pH value 
higher than 5.5 may lead to loss of caustic solution. 
Recently, an innovative biogas upgrading method named Alkali absorption with 
Regeneration (AwR) that facilitates capture and storage of the separated CO2 is 
investigated in pilot scale [(Baciocchi et al., 2013); (Lombardi and Carnevale, 
2013)]. The process consists of CO2 separation from biogas by chemical absorption 
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with an alkali aqueous solution (NaOH or KOH) followed by regeneration of the 
spent absorption solution from the upgrading process and the captured CO2 is stored 
in a solid and thermodynamically stable form i.e. CaCO3. The regeneration process 
is carried out by contacting the spent absorption solution, rich in carbonate and 
bicarbonate ions, with a waste material, Air Pollution Control (APC) residue from 
Waste-to-Energy plants characterized by a high content of calcium hydroxide, and 
leads to the precipitation of calcium carbonate. 
The Shell, under-development, precipitating carbonate process (Moene et al., 2013) 
employs the carbonate to bicarbonate reaction for the absorption of CO2 followed by 
precipitation and concentration of part of the bicarbonate before entering the 
regenerator. The process is claimed to be an attractive alternative to the present 
carbon capture technologies employed for post combustion, due to its potential for 
energy efficiency. Screening bench scale pilot plant experiments of the precipitating 
carbonate process have demonstrated sufficiently high cyclic loadings and 
established the operation for 90% removal of CO2 from synthetic flue gas containing 
4% CO2 (Moene et al., 2013). 
1.4.  Scope of This Work 
The goal of the present work is to study CO2 absorption solvents which could be 
employed for energy producing technologies based on biomass. Due to the 
variability in composition and concentration of flue gas from biomass combustion, 
traditional amine based solvents may not be the best choice. Regained interest of 
hydroxide and carbonate systems in capture scenarios of zero or negative emissions; 
either in a BECCS approach or as an environment friendly absorption system, 
shaped the action plan of present work.   
In this work the reaction between OH
-
 and CO2 is studied. This reaction is important 
for all hydroxide and carbonate systems. The reaction is modeled based on both 
concentration and activity. The behavior of Henry’s law constant, needed for kinetic 
modeling is studied experimentally for systems containing Li
+
, Na
+
 and K
+
 as 
counter ions. The activities of CO2 and OH
-
, needed in the liquid phased, are 
calculated with a developed vapor-liquid equilibrium model able to predict both the 
partial pressure and physical solubility of CO2.  
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1.4.1. Key contributions of thesis 
This thesis is a contribution to research work carried out to study the absorption of 
CO2 into hydroxide and carbonate systems in the following ways: 
 Kinetics of CO2 absorption into aqueous hydroxides (0.01–2.0 M) and blends 
of hydroxides and carbonates with mixed counter ions (1–3 M) containing     
Li
+
, Na
+
 and K
+
 as counter ions were studied in a String of Discs Contactor 
(SDC). The temperature range was 25–63°C. The dependence of the reaction 
rate constant on temperature and concentration/ionic strength and the effect 
of counter ions were studied for the reaction of CO2 with hydroxyl ions (OH
-
) in these aqueous electrolyte solutions. The infinite dilution second order 
rate constant      
  , valid up to 63°C, was derived as an Arrhenius 
temperature function and the parameters of Pohorecki and Moniuk model 
(Pohorecki and Moniuk, 1988) were refitted to model the ionic strength 
dependency of the second order rate constant,     . The contribution of ions 
to the ionic strength and the model itself, were extended to the 3M 
concentration and 63°C temperature.  
 The solubility of N2O into aqueous solutions of hydroxides containing Li
+
, 
Na
+
 and K
+
 counter ions and the hydroxide blends with carbonates were 
measured for a range of temperatures (25-80°C) and concentrations (0.08-
3M). To evaluate the solubility experiments in terms of apparent Henry’s law 
constant, the liquid densities of these systems were measured and compared 
to literature. By using the experimental data for N2O solubility, the 
parameters in the model of Weisenberger and Schumpe (Weisenberger and 
Schumpe, 1996) were refitted for aforementioned systems to extend the 
validity range of the model up to 3M and 80°C.  
 The equilibrium model (Monteiro, 2014) was employed for simultaneous 
regression of VLE (Vapor-Liquid Equilibria) and apparent Henry’s law 
constant data for better prediction of activity coefficients. The presented 
Electrolyte-NRTL interaction parameters were obtained by simultaneous 
regression of       ,         and apparent Henry’s law constant data.  
  The total pressure data over aqueous LiOH solutions for a range of 
concentrations (0.25 – 8.5 wt.%) and temperatures (40 – 90°C) were 
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measured by ebulliometer and the measured data were used in fitting of the 
equilibrium model. 
 The experimental kinetics data were re-evaluated by use of activity based 
kinetic expression. It was observed that the use of activities instead of 
concentrations eliminates the effect of both concentration and counter ion on 
the derived rate constant.  The activity based rate constant and infinite 
dilution rate constants together with activities of CO2 and hydroxyl ion were 
used to predict the rate of absorption of CO2. The advantage of using 
activities in kinetic expressions is that fundamental description of kinetics 
and thermodynamics become consistent with each other. 
 
1.4.2. Layout of thesis 
This thesis consists of 9 chapters. First chapter is dedicated to the motivation behind 
the performance of this research work and gives a short introduction of experimental 
and modeling work that has been carried out. Chapter 2 gives a literature survey 
providing an overview of experimental work to measure required data and some 
models used to represent those data. Basic concepts of solution thermodynamics, 
equilibrium modeling and kinetics theories, used in the evaluation of experimental 
work, are presented in chapter 3. Chapter 4 summarizes the methods and equipment 
used to conduct the experimental work.  
Paper I presenting measured N2O solubility and density data with parameter 
optimization in the model of Weisenberger and Schumpe (Weisenberger and 
Schumpe, 1996)  is presented in Chapter 5. Chapter 6 comprises of Paper II which 
present equilibrium modeling used in this work to calculate interaction parameters 
for calculation of activities of the species present in the hydroxide and carbonate 
systems containing Li
+
, Na
+
 and K
+
 as counter ions. The kinetic data measured on 
string of discs contactor and rate constants based on concentration and parameter 
optimization in the model of Pohorecki and Moniuk (Pohorecki and Moniuk, 1988) 
are presented in Chapter 7. Chapter 8, containing Paper IV, presents activity based 
kinetics of measured experimental data. Conclusions and suggestions for future work 
are summarized in Chapter 9. 
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1.4.3. Publications and conference proceedings 
This thesis comprises of 4 publications which present all the experimental and 
modeling work carried out in this work. The publications, referred as Paper I, Paper 
II, Paper III and Paper IV in the text, are part of the thesis and comprise Chapter 6-
8 respectively. 
In paper I, the author performed part of experimental work, all calculations and 
parameter optimization in solubility model using MODFIT and was responsible for 
writing. 
In Paper II, the author was responsible for collection of literature data, all 
calculations, parameter optimization using equilibrium model and writing. 
In Paper III, the author was responsible for evaluation of experimental data, 
parameter optimization in kinetics model using MODFIT and writing. 
In Paper IV, the author was responsible for activity based evaluation of kinetics data 
and writing. 
Paper I:    Gondal, S., Asif, N., Svendsen, H. F., and Knuutila, H. Density and N2O 
solubility of aqueous Hydroxide and Carbonate Solutions in the 
temperature range from 25 to 80°C. Accepted for publication in 
Chemical Engineering Science. 
 
Paper II: Gondal, S., Usman, M., Monteiro, J. G. M. S., Svendsen, H. F., and 
Knuutila, H. VLE and Apparent Henry’s Law Constant Modeling of 
Aqueous Solutions of Unloaded and Loaded Hydroxides of Lithium, 
Sodium and Potassium. To be submitted for publication.  
 
Paper III: Gondal, S., Asif, N., Svendsen, H. F., and Knuutila, H. Kinetics of the 
absorption of carbon dioxide into aqueous hydroxides of lithium, sodium 
and potassium and blends of hydroxides and carbonates. Submitted for 
publication in Chemical Engineering Science. 
 
Paper IV: Gondal, S., Svendsen, H. F., and Knuutila, H. Activity based kinetics of 
CO2-OH
- 
systems with Li
+
, Na
+
 and K
+
 counter ions. To be submitted for 
publication. 
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Conference Proceedings: 
1. Gondal, S., Asif, N., Svendsen, H. F., and Knuutila, H. Kinetics of carbonates 
and hydroxide systems for CO2 capture. 2
nd
 International Chairs Seminar on 
Carbon, Capture and Storage, 25-27 March, 2013 | Paris & Le Havre, 
France. 
2. Gondal, S., Asif, N., Svendsen, H. F., and Knuutila, H. Kinetics of the 
reaction of carbon dioxide with aqueous hydroxide solutions. The 7
th
 
Trondheim CCS Conference (TCCS-7), June 4-6, 2013, Trondheim, Norway. 
3. Gondal, S., Asif, N.,  Monteiro, J. G. M. S., Svendsen, H. F., and Knuutila, H., 
Equilibrium Modeling of Carbonate and Hydroxide Systems, 2
nd 
Post 
Combustion Capture Conference (PCCC2), September 17 - 20, 2013, Bergen, 
Norway. 
4. Gondal, S., Asif, N., Svendsen, H. F., and Knuutila, H. N2O solubility of 
aqueous Hydroxide and Carbonate Solutions in the temperature range from 25 
to 80
○C”, UTCCS-2, January 28-30, 2014, University of Texas, Austin, USA. 
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2. Literature Review 
The study of carbon dioxide absorption into hydroxides and carbonates demands 
complete evaluation of vapor-liquid-equilibria (VLE) and kinetics of the absorption 
reaction. To study the VLE and kinetics of CO2 absorption into these systems, 
physiochemical properties of absorbents such as density, viscosity and N2O 
solubility are needed. Moreover, the determination of these properties is inevitable 
for the modeling and design of gas-liquid contactors of absorption equipment. 
This chapter provides a brief literature overview of experimental work carried out 
for measurement of density, viscosity, VLE and kinetics of hydroxide and carbonate 
systems along with models used for prediction of experimental data. The purpose of 
this chapter is two-fold. Firstly, it provides literature sources for finding these 
properties and secondly, it gives a framework for designing experimental work to fill 
the gap where data required for calculations are either non-existing or show high 
discrepancies. As mentioned in the previous chapter, the absorption of CO2 into 
hydroxides and carbonates has been studied by several researchers since the early 
decades of last century and the experimental measurements likewise for density, 
viscosity, and vapor-liquid-equilibrium are abundantly available in literature. This 
chapter includes most, but not all, available literature data sources for experimental 
measurements and some models to predict the experimental data.  
2.1. Density 
Density is an important property for evaluation of mass transfer, kinetics and 
physical solubility of CO2 in the absorbent. Since hydroxides and carbonates of 
alkali metals are very common and industrially important electrolytes, density data 
for LiOH, NaOH, KOH, Na2CO3 and K2CO3 is available in literature from studies 
carried out over more than a century. Table 2.1 presents some literature data sources 
for densities of these hydroxides and carbonates. The table gives overall range of 
temperature and concentration for the experimental data found in these literature 
sources. It can be seen that the concentration range of experimental data found in 
literature is limited by the solubility of these chemicals in water. The temperature 
ranges mostly from 0-100°C except for NaOH where it goes up to 120°C and for 
LiOH where it is limited from 20°C to 75°C.  
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Table 2.1: Literature sources of density data for hydroxides and carbonates of Li
+
, Na
+
 and K
+
  
Hydroxides/ 
Carbonates 
Overall 
Temp. 
Range 
[°C] 
Overall 
Conc. 
Range 
[wt.%] 
Reference 
LiOH 20–75 2.4 – 11.33 (Hitchcock, 1937); (Roux et al., 1984b);(Herrington 
et al., 1986); (Sipos et al., 2000); (Taboada et al., 
2005) 
NaOH 0–120 0.0033– 52 (Hitchcock and McIlhenny, 1935); (Akerlof and 
Kegeles, 1939); (Huckel and Schaaf, 1959); (Roux 
et al., 1984b); (Hershey et al., 1984); (Herrington et 
al., 1986);  (Magalhães et al., 2002);  (Sipos et al., 
2000); (Patterson et al., 2001); (Salavera et al., 
2006); (Green, 2008) 
KOH 0–100 0.084–59.46 (Hitchcock and McIlhenny, 1935); (Akerlof and 
Bender, 1941); (Mashovets et al., 1965); (Tham et 
al., 1967); (Roux et al., 1984b); (Herrington et al., 
1986);  (Sipos et al., 2000); (Patterson et al., 2001); 
(Salavera et al., 2006); (Green, 2008) 
Na2CO3 0–100 0.042–30.8  (Hitchcock and McIlhenny, 1935); (Roberts and 
Mangold Jr, 1939);  (Perron et al., 1975); (Correia 
et al., 1980); (Hershey et al., 1983); (Magalhães et 
al., 2002); (Graber et al., 2004); (Green, 2008); 
(Lide, 2008); (Knuutila et al., 2010b) 
K2CO3 0–100 0–50  (Hitchcock and McIlhenny, 1935); (Roberts and 
Mangold Jr, 1939); (Correia et al., 1980); (Green, 
2008); (Lide, 2008); (Knuutila et al., 2010b) 
 
In some of the above mentioned sources, density is modeled with empirical 
correlations; either based on molality or weight fraction to calculate partial molar 
volumes. The density model based on literature density data presented in (Laliberte 
and Cooper, 2004) was found to be very useful, because it covers all the chemicals 
studied in this work and provides a common base for comparison. The model 
calculates partial molar volumes of solutes (hydroxides and carbonates in this work) 
and solvent (water) at a particular temperature based on their respective weight 
fractions and can be used as well for solutions containing more than one solutes. The 
densities of solutions at a particular temperature, with a known weight fraction can 
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be calculated from the calculated partial molar volumes and the density of water at 
that temperature.  
2.2. Viscosity 
Viscosity and diffusivity are required for the evaluation of kinetics parameters from 
mass transfer experiments; diffusivity is typically estimated form viscosity values 
using the Stokes-Einstein equation. Literature data sources for viscosities of aqueous 
solutions of hydroxides and carbonates of Li+, Na+ and K+ are given in Table 2.2. The 
table shows overall range of temperature and concentration for the available 
literature data. It can be seen that the concentration range for the data available is 
almost the same as that for density data but temperature range is very limited. There 
is a need for experimental data at higher temperatures especially for LiOH and KOH 
where the available data is limited up to 40°C.  
Table 2.2: Literature sources of viscosity data for hydroxides and carbonates of Li
+
, Na
+
 and K
+
  
Hydroxides/ 
Carbonates 
Overall 
Temp. 
Range 
[°C] 
Overall 
Conc. 
Range 
[wt.%] 
Reference 
LiOH 20–40 1.184–11.33 (Hitchcock, 1937); (Sipos et al., 2000); (Taboada et al., 
2005) 
NaOH 12.5–70 2–56 (Hitchcock and McIlhenny, 1935); (Krings, 1948); 
(Huckel and Schaaf, 1959); (Vázquez et al., 1996); 
(Sipos et al., 2000) 
KOH -14.1–40 2.8–51.86 (Hitchcock and McIlhenny, 1935); (Kelly et al., 1965);  
(Sipos et al., 2000) 
Na2CO3 20–90 0.042–30.8 (Hitchcock and McIlhenny, 1935); (Correia et al., 
1980) 
K2CO3 19–89 1–58.24 (Hitchcock and McIlhenny, 1935); (Correia et al., 
1980) 
 
As mentioned for density, the empirical model based on literature viscosity data is 
also presented by (Laliberté, 2007). The model is very convenient as it provides a 
common base to calculate viscosity at a particular temperature of all solutions 
including blends of hydroxides and carbonates, used in this work, on the basis of 
their mass fractions in the solutions. 
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2.3.  N2O Solubility  
Physical solubility of CO2 into an absorbent, typically expressed as an apparent 
Henry’s law constant of the absorbent is necessary in the development of kinetics 
and in thermodynamic models for the calculation of actual activity coefficient of 
CO2. 
Since CO2 reacts in most of the absorbents, including hydroxide and carbonate 
systems as well, it is not possible to measure the physical solubility independently 
using CO2. Hence it is suggested that the N2O analogy can be employed to estimate 
the physical solubility [(Versteeg and Van Swaaij, 1988); (Xu et al., 2013)]. N2O is 
used to estimate the properties of CO2 as it has similarities in configuration, 
molecular volume and electronic structure and is a nonreactive gas under the 
normally prevailing reaction conditions.  
The N2O analogy was originally proposed by (Clarke, 1964), verified by (Laddha et 
al., 1981) and is being widely used by many researchers [(Haimour and Sandall, 
1984); (Versteeg and Van Swaaij, 1988); (Al-Ghawas et al., 1989); (Hartono et al., 
2008); (Knuutila et al., 2010b)].  Applying this analogy, the physical solubility of 
CO2 in terms of an apparent Henry’s law constant,     can be calculated based on 
the solubility of CO2 and N2O into water and the solubility of N2O in the system of 
interest by the equation: 
 
          (
     
     
)                                                                                                           
Here           
          represents the solubility of N2O in the system of 
interest in terms of an apparent Henry’s law constant,             and  
 
         
are the Henry’s law constants for N2O and CO2 in water respectively. The term 
apparent Henry’s law constant is defined by: 
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Table 2.3: Literature sources for N2O solubility data 
Hydroxides/ 
Carbonates 
Temp. 
[°C] 
Conc. 
/Ionic strength 
Reference 
K2CO3-KHCO3 25 0–1.5 gmol ion.L
-1
 (Joosten and Danckwerts, 1972) 
Na2CO3-NaHCO3 25 0–15 wt.% (Hikita et al., 1974) 
Na2CO3 25–80 1–20 wt.% (Knuutila et al., 2010b) 
K2CO3 25–80 5–30 wt.% (Knuutila et al., 2010b) 
 
Table 2.3 gives literature data sources for N2O solubility in carbonate-bicarbonate 
systems. No literature data were found for N2O solubility in hydroxides. The N2O 
solubility measured in potassium carbonate-potassium bicarbonate system at 25°C 
by (Joosten and Danckwerts, 1972) was used to estimate CO2 solubility using a 
simple function depending only on ionic strength of the solution. The data for  N2O 
solubility in sodium carbonate-sodium bicarbonate system at 25°C by (Hikita et al., 
1974) was used to show that N2O solubility is not only the function of ionic strength 
but it also depends on the carbonate-bicarbonate ratio. Their data showed that the 
N2O solubility decreases as the content of bicarbonate increases in the system. The 
N2O solubility data for Na2CO3 and K2CO3 solutions for temperature range 25-80°C 
measured by (Knuutila et al., 2010b) was used by them  to refit the parameters in the 
model of Weisenberger and Schumpe (Weisenberger and Schumpe, 1996). 
The model of Weisenberger and Schumpe (Weisenberger and Schumpe, 1996) is 
widely used to predict the solubility of gases into electrolyte solutions [(Rischbieter 
et al., 2000); (Vas Bhat et al., 2000) (Kumar et al., 2001); (Dindore et al., 2005); 
(Rachinskiy et al., 2014)]. The model is very general and based on a large set of 
data. It describes the salting-out effect of 24 cations and 26 anions on the solubility 
of 22 gases but the model is reported to be valid only up to 40°C and up to 
electrolyte concentrations of about 2 kmol.m
-3
. The model is based on an empirical 
model by Sechenov (Sechenov, 1889) who modelled the solubility of sparingly 
soluble gases into aqueous salt solutions with the equation 
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Here           
    and           
    are the gas solubilities in water and in 
salt solution, respectively,            
    is the salt concentration and 
              is the Sechenov constant. Schumpe (Schumpe, 1993) modified this 
model and in the model of Weisenberger and Schumpe (Weisenberger and Schumpe, 
1996) the solubility was calculated from the equations given as follows:  
   
   
  
     ∑(     )  
 
 
                                                                                              
    
                                                                                                  
In these equations     
          is an ion-specific parameter,      
          is 
a gas specific parameter,           
    is the concentration of ion and  
     
               is the gas specific parameter for the temperature effect.  
As mentioned earlier, Knuutila (Knuutila et al., 2010b) updated       for N2O and       
for potassium and sodium in the model of Weisenberger and Schumpe 
(Weisenberger and Schumpe, 1996) using experimental data for carbonates of 
sodium and potassium from 25 to 80
○
C. 
2.4. Vapor Liquid Equilibria  
 
For the rational design of gas treating processes, vapor-liquid equilibrium data of 
CO2 over aqueous solutions of absorbents are essential besides the mass transfer and 
rate of chemical kinetics. A wide collection of experimental vapor liquid equilibrium 
(VLE) data for aqueous hydroxides and carbonates of Li+, Na+ and K+ containing 
CO2 are available in literature from early 20
th century till date.  
The concentration and loadings found in the literature data sets were recalculated 
and are presented as wt.%  of hydroxide and loadings are recalculated as moles of 
CO2 per mole of the cation present in the solution. 
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Table 2.4: Literature sources for equilibrium data of hydroxides and carbonates of lithium (Li
+
) 
 
Reference 
     [kPa] 
     [kPa] 
*Conc. as 
LiOH 
[wt.% ] 
*Loading 
[mol CO2 / mol Li
+] 
 
Temp. 
[°C] 
Vapor pressure of water over LiOH solutions      [kPa] 
(Aseyev, 1999) 0.58 – 462.4  2 – 10 0 0 –  150 
Partial pressure of CO2 over CO2-Li2CO3-LiHCO3 equilibrium solutions,      [kPa] 
(Walker et al., 1927) 0.03 – 0.04  0.013–0.96 0.51 – 0.92 25 – 37 
* The concentrations of Li2CO3 solutions are recalculated as LiOH solutions with 0.5 loading [mol 
CO2/mol Li
+]. **The physical solubility for CO2 was calculated from N2O solubility data by using N2O 
analogy. 
The literature sources for VLE data of hydroxides and carbonates of lithium (Li
+
) are 
given in Table 2.4. The equilibrium data include vapor pressure of water,      [kPa] 
over LiOH solutions and partial pressure of CO2,      [kPa] over CO2 -Li2CO3-
LiHCO3 equilibrium solutions. The only CO2-Li2CO3-LiHCO3  equilibrium data 
found in literature are from (Walker et al., 1927).  
The VLE data found in literature, as shown by Table 2.4, for LiOH are very limited 
and there is a need for more equilibrium data at temperatures higher than 37°C. The 
N2O solubility for estimation of physical solubility of CO2, for the 
hydroxide/carbonate systems containing Li+ counter ion is also needed.  
The literature sources for VLE data of hydroxides and carbonates of sodium (Na
+
) 
are given in Table 2.5. The data include vapor pressure of water      [kPa] over 
aqueous solutions of hydroxides and carbonates of Na+, partial pressure of CO2,  
     [kPa] over CO2-Na2CO3-NaHCO3 equilibrium solutions, total pressure, 
       [kPa] for CO2 solubility in NaOH solutions at high pressures,  partial pressure 
of CO2,      [kPa] for CO2 solubility in NaHCO3 solutions at high pressures  and 
N2O solubility in terms of apparent Henry’s law constant,       [kPa.m
3
/mol].  
As shown by the table, the literature VLE data available for sodium covers a wide 
variety and range of concentrations, temperatures and loadings but the low CO2 
pressure data, at higher temperatures, above 37°C, is still needed. More data for N2O 
solubility, especially in hydroxides, is also required.  
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Table 2.5: Literature sources for equilibrium data of hydroxides and carbonates of sodium 
(Na
+
) 
 
Reference 
     [kPa] 
       [kPa] 
     [kPa] 
    
     [kPa.m3.mol-1] 
*Conc.  
as NaOH 
[wt.% ] 
*Loading 
[molCO2/mol 
Na+] 
 
 
Temp. 
[°C] 
Vapor pressure of water over NaOH  solutions,      [kPa] 
(Don and Robert, 2008) 0.013 – 16479 0 – 98.8 0 0 – 350 
Total pressure  over *Na2CO3 solutions,        [kPa] 
(Knuutila et al., 2010a) 3.48 – 101.28 7.87 – 25.86 0.5 27 – 105 
(Don and Robert, 2008) 2.17 – 97.46 3.77 – 25.86 0.5 0 – 100 
(Taylor, 1955) 22.64 – 84.57 0.8 – 17.44 0.5 65 – 95 
Partial pressure of CO2 over CO2-Na2CO3-NaHCO3 equilibrium solutions,      [kPa] 
(Walker et al., 1927) 0.031 – 0.039  0.02 – 0.62 0.64 – 0.93 25 – 37 
(Hertz et al., 1970) 0.17– 5.05 0.4 – 4.3 0.67 – 0.88 30 
(Mai and Babb, 1955) 0.95 – 18.03  0.4 – 3.9 0.78 – 0.98 20 – 65 
(Ellis, 1959) 4.3 – 108.9  0.7 – 3.7 0.8 – 0.93 119 – 197 
(Knuutila et al., 2010a) 0.16 – 19.17  6.3 – 9.8 0.55 – 0.85 40 –  80 
Total pressure for CO2 solubility in NaOH solutions at high pressures,         [kPa] 
(Rumpf et al., 1998) 12.7– 10163 3.69 – 3.7  0 – 2.03 40 – 160 
(Lucile et al., 2012) 320 – 5020 3.84 0.99 – 2.11 20 – 60 
Partial pressure of CO2 for CO2 solubility in *NaHCO3 solutions at high pressures,       [kPa] 
(Gao et al., 1997) 5000 – 57600  0.96 – 3.46 1.14 – 8.18 50 – 130 
(Wong et al., 2005) 100  0.4 – 2.1 1.05 – 1.61 5 – 25 
(Han et al., 2011) 310 – 2035  0.2 – 4.2 1.04 – 10.21 40 – 60 
**N2O solubility in terms of apparent Henry’s law constant,     
        ,[kPa.m3.mol-1] 
(Knuutila et al., 2010b) 4.56– 75.56 0.8 – 16.5 0.5 25 – 80 
*The concentrations of Na2CO3 solutions are recalculated as NaOH solutions with 0.5 loading [mol CO2/mol Na
+] and 
those of NaHCO3 solutions are recalculated as NaOH solutions with 1 loading [mol CO2/mol Na
+]. **The physical 
solubility for CO2 can be calculated from N2O solubility data by using N2O analogy.  
 
The literature sources for VLE data of hydroxides and carbonates containing 
potassium (K+) are presentd in Table 2.6. The data include total pressure, 
       [kPa], above aqueous solutions of K2CO3 and CO2, total pressure, 
       [kPa], over CO2-K2CO3-KHCO3 equilibrium solutions, Partial pressure of 
CO2,      [kPa], over CO2-K2CO3-KHCO3 equilibrium solutions, and N2O 
solubility in terms of apparent Henry’s law constant,       [kPa.m
3
.mol
-1
]. 
Although the literature database for potassium is not as wide as that for sodium; the 
data from (Tosh et al., 1959) covers a wide range of temperature at moderate 
pressures. The need for low CO2 pressure data at higher temperatures, above 37°C 
is still there. The N2O solubility data for KOH is also lacking in literature.  
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Table 2.6: Literature sources for equilibrium data of hydroxides and carbonates of potassium 
(K
+
)
 
 
Reference 
     [kPa] 
       [kPa] 
     [kPa] 
    
    [kPa.m3.mol-1] 
*Conc. as 
KOH 
[wt.% ] 
*Loading 
[mol CO2 / 
mol K+] 
 
 
Temp. 
[°C] 
 
Total  pressure over CO2-K2CO3-KHCO3 equilibrium solutions,        [kPa] 
(Tosh et al., 1959) 23.86–979.1 17.34– 37.2 0.5 – 0.89 70– 140 
(Pérez-Salado Kamps et al., 2007) 267.2–9237 4.61–16.55 0.84– 2.29 40– 120 
Partial pressure of CO2 over CO2-K2CO3-KHCO3 equilibrium solutions,       [kPa] 
(Walker et al., 1927) 0.03–0.038 0.03– 1.74 0.62 – 0.93 25 – 37 
(Tosh et al., 1959) 0.21–923.9 17.34– 37.2 0.5 – 0.89 70– 140 
(Park et al., 1997) 5.42–2230 4.13– 8.39 0.79– 1.39 25 – 50 
(Jo et al., 2012) 0.4–1465.4 26.93 0.54– 1.01 100– 120 
**N2O solubility in terms of apparent Henry’s law constant,     
       ,[kPa.m3.mol-1] 
(Knuutila et al., 2010b) 5.42–39.65 4.12– 26.93 0.5 25 – 80 
* The concentrations of K2CO3 solutions are recalculated as KOH solutions with 0.5 loading [mol CO2/mol K
+]. **The 
physical solubility for CO2 can be calculated from N2O solubility data by using N2O analogy. 
2.5. Mass Transfer and Kinetics  
The reactions occurring during absorption of CO2 into aqueous solutions of 
hydroxides and carbonates, with significant concentrations of OH
-
 (pH>10) (Liu et 
al., 2012)  where formation of carbonic acid route is disregarded, can be expressed 
by the following equations: 
                                                                                                                                      
         
      
                                                                                                            
    
         
                                                                                                    
The rate of physical dissolution of gaseous CO2 into the liquid solution, Equation 
(2.6) is high and the equilibrium at the interface can be described by Henry’s law 
(Pohorecki and Moniuk, 1988). Since the reaction given by Equation (2.8) is a 
proton transfer reaction, it has a very much higher rate constant than the reaction 
given by Equation (2.7) [(Liu et al., 2012) (Hikita et al., 1976)]. Hence, reaction 
given by Equation (2.7) governs the overall rate of the process. Hydration of CO2, 
Equation (2.7), is second order, i.e. first order with respect to both CO2 and OH
−
 ions 
and the rate of reaction on concentration basis can be expressed by the equation:  
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Here        
              is the second order rate constant,       and       are 
molar concentrations [        ] of hydroxide and carbon dioxide respectively. 
 
The available literature for experiment work carried out to study the CO2 absorption 
into hydroxide and carbonate systems is presented in Table 2.7. As mentioned 
earlier, these systems have been studied by several researchers due to their 
theoretical importance and several industrial applications. Most of the studies 
mentioned in the table were carried out at low temperatures. In the studies conducted 
before 1960s, the kinetic rates were typically reported as gas side overall mass 
transfer coefficients and simple empirical models were employed to predict the 
effect of chemical reaction on absorption.  
The reaction rate constant for the chemical reaction, Equation (2.7), has previously 
been published by several authors [(Knuutila et al., 2010c), (Kucka et al., 2002), 
(Pohorecki and Moniuk, 1988), (Pohorecki, 1976), (Barrett, 1966), (Nijsing et al., 
1959), (Himmelblau and Babb, 1958), (Pinsent et al., 1956), (Pinsent and Roughton, 
1951)].  
The rate constants measured by above mentioned authors were either based on only 
one counter ion (Na
+
 or K
+
) or were limited to low temperatures. Moreover, the 
values of predicted rate constants show diversity and scatter as indicated by infinite 
dilution values,       
 , presented by Table 3 and Figure 7 in Paper III. The scatter 
in the value of second order rate constant,     , is more profound. Most of the 
authors have tried to model the kinetic constants using different methods.  
Classically, the kinetic constant for electrolyte solutions is expressed as  function of 
ionic strength (Astarita et al., 1983) 
               
                                                                                                         
In Equation (2.5),     
 is the infinite dilution reaction rate constant,   is the ionic 
strength of solution and   is a solution dependent constant.  
 
Chapter 2  Literature Review 
23 
 
 
Table 2.7: Literature sources for the CO2 absorption into hydroxide and carbonate systems 
Hydroxides/ 
Carbonates 
Temp. 
[°C] 
Apparatus Reference 
NaOH 25 Batch reactor (Ledig and Weaver, 1924) 
KOH, K2CO3 25-90 Baffle tower, Pebble 
packed tower, 
Absorption box 
(Williamson and Mathews, 1924) 
NaOH, KOH 25 Glass absorption vessel (Weber and Nilsson, 1926) 
Na2CO3 27-84 Bubble cap column (Whitman and Davis, 1926) 
NaOH, Na2CO3, NaHCO3  Absorption tower 
packed with glass rings 
(Payne and Dodge, 1932) 
Na2CO3 25-63 Wetted wall column (Harte Jr et al., 1933) 
NaOH, KOH 30 Batch reactor (Hitchcock, 1934) 
Na2CO3, K2CO3 30 Batch reactor (Hitchcock and Cadot, 1935) 
Na2CO3, K2CO3 24-61 String of discs (Roper, 1955) 
NaOH 0–40 Rapid thermal method (Pinsent et al., 1956) 
NaHCO3 0–20 Radioactive tracing (Himmelblau and Babb, 1958) 
NaOH 0–25 Stopped flow (Sirs, 1958) 
NaOH, NaOH+ Na2CO3,  
Na2CO3+ NaHCO3 
25 Rotating drum (Danckwerts and Kennedy, 1958) 
Na2CO3, K2CO3 20 Wetted wall column (Nijsing et al., 1959) 
NaOH, Na2CO3+ NaHCO3 25 Packed column (Danckwerts et al., 1963) 
NaOH+ Na2CO3 25 Stirred cell, Packed 
column 
(Danckwerts and Alper, 1975) 
NaOH, NaOH+ Na2CO3 25–30 Wetted wall column (Hikita et al., 1976) 
K2CO3+ 
KHCO3+KCl+NaOCl, 
NaOH+ Na2CO3 
20 Laminar jet, sieve tray 
absorption column, 
Perspex column 
(Pohorecki, 1976) 
LiOH+KCl, NaOH blends 
with Na2CO3 , NaCl, 
NaNO3,  Na2SO4, KBr and 
K2CO3,  KOH blends with 
KCl, KNO3, K2SO4, KBr, 
K2CO3 and  
18–41 Laminar jet (Pohorecki and Moniuk, 1988) 
K2CO3 60–100 Wetted wall column (Pohorecki and Kucharski, 1991) 
NaOH, KOH 20–50 Stirred cell (Kucka et al., 2002) 
Na2CO3, K2CO3 25–69 String of discs contactor (Knuutila et al., 2010c) 
 
Ideally, the infinite dilution kinetic constant for the hydration of CO2 should be 
independent of cation and be an Arrhenius type temperature function expressed as: 
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                     (
  
  
)                                                                                 
where   [m3.kmol-1.s-1] is the pre-exponential factor,     [kJ.kmol
-1
] is the reaction 
activation energy, R [8.3144 kJ.kmol
-1
.K
-1
] is the ideal gas law constant and  [K] is 
absolute temperature.  
In  the model proposed by (Pohorecki and Moniuk, 1988), they theoretically justified 
that it seems more logical to use a correlation containing contributions characterizing 
the different ions, rather than different compounds present in the solution. They 
proposed the model given by Equation (2.12). 
   
    
    
    ∑                                                                                                                      
where       [kmol.m
-3
] is the ionic strength of an ion,       [m
3
.kmol
-1
] is an ion 
specific parameter and     
   
 is the apparent rate constant for the reaction, Equation 
(2.7), in the infinitely dilute solution. Its value at any temperature (18-41°C) can be 
calculated by Equation (2.13) (Pohorecki and Moniuk, 1988). 
       
           
    
    
               
                                                   
 
Recently, use of activities instead of concentration or ionic strength in the kinetic 
expressions and thermodynamics modeling with chemical reactions has gained 
interest due to consistency in fundamentals of thermodynamics and kinetics. The 
activity based kinetics finds its applications mainly in the modeling of integrated 
processes like reactive absorption (as studied in this work), reactive distillation and 
reactive extraction where both thermodynamics and kinetics, are of essential 
importance and activity coefficients deviate substantially from ideal behavior 
(Haubrock et al., 2007). 
The activity based kinetics for the CO2 hydration reaction with Li
+
, Na
+
 and K
+
 
counter ions have been published by (Haubrock et al., 2007). Knuutila et al., 
(Knuutila et al., 2010c) have also evaluated their kinetic data of CO2 absorption into 
aqueous solutions of  Na2CO3 and K2CO3; both on concentration and activity basis.  
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2.6. Framing the  Experimental and Modeling Work 
As previously mentioned the literature review not only provided with the relevant 
data and modeling sources but it also played an important role in shaping the 
experimental and modeling work carried out in this work. 
The literature review showed that though a large data bank for density and viscosity 
of hydroxides and carbonates is found in the literature, differences in concentration 
and temperature for particular measurements do not allow using these data unless a 
model to interpolate between temperatures and concentrations is present. Density 
and viscosity models based on literature data [(Laliberte and Cooper, 2004); 
(Laliberté, 2007)] were used respectively for comparison with density data measured 
in this work, as presented in Paper I, and calculation of viscosities used in the 
kinetics evaluations, as presented in Paper III.  
The kinetic evaluations found in literature have discrepancies in the values of 
determined kinetic constants and most of the data for hydroxides were either 
available only at room temperature or maximum up to 41°C. The kinetic 
experiments performed in this work, up to 60°C, are a small contribution to available 
data sources for these systems. The work is presented in Paper III. 
As previously mentioned, N2O solubility is inevitable for evaluation of kinetics data, 
hence experiments were conducted for solubility of N2O into these systems; 
containing Li
+
, Na
+
 and K
+
 counter ions for a wider range of concentration (0.01-
3M) and temperature (25-80
○
C). The N2O solubility data collected in this work is 
also presented in Paper I.  
The upper limits of temperature, 40°C and 41°C for respectively the solubility and 
kinetics models of (Weisenberger and Schumpe, 1996) and (Pohorecki and Moniuk, 
1988) respectively provided a motivation for execution of experiments at higher 
temperatures and concentrations  for subsequent  refitting of parameters as presented 
in Paper I and Paper III.  
The VLE data gathered form literature provided a base for equilibrium modeling in 
Paper II. The VLE data available for the LiOH-H2O-Li2CO3-LiHCO3 system are 
very few and non-consistent. The ebulliometric data for aqueous solutions of LiOH 
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was measured in this work. There were sufficient data found in the literature for CO2 
partial pressure and total pressure for hydroxides of sodium and potassium so no 
VLE data were measured for these systems. The measured ebulliometric data and 
N2O solubility data for hydroxides, measured in this work, were used in addition to 
literature VLE data for equilibrium modeling presented in Paper II. The motivation 
behind the equilibrium modeling, paper II, was to obtain interaction parameters for 
the calculation of activities by  simultaneous regression of the apparent Henry’s law 
constant and VLE data which was not done previously by any equilibrium model 
available in literature. The Electrolyte NRTL parameters obtained from equilibrium 
modeling as presented in Paper II were used to calculate activity coefficients for 
both CO2 and OH
-
. The calculated activity coefficients are applied for evaluation of 
activity based kinetics of the CO2-OH
-
 system as presented in Paper IV.
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3. Theoretical Background 
This chapter presents a brief overview on solution thermodynamics, thermodynamic 
equilibrium modeling and mass transfer in chemical absorption processes and the 
mechanisms used to interpret the reactions between CO2 and systems studied in this 
work. The remaining parts of the chapter are dedicated to the fundamental study of 
kinetics, both based on concentration and activities, of the reaction between reactant 
A (CO2 in this work) and reactant B (hydroxyl ion in this work, which is the actual 
rate determining reactant in both hydroxide and carbonate systems). The 
mechanisms were used to interpret experimental data from a string of discs contactor 
apparatus. This chapter provides the basic theory for the Papers II-IV presented in 
Chapters 6-8.  
3.1. Basic Concepts of Solution Thermodynamics  
Before the discussion of phase behavior of absorption systems employed in this 
work, which are solutions of water, hydroxides and/or carbonates, introduction to 
some important thermodynamic properties is necessary.  
3.1.1. Partial molar and excess properties 
The pure components are characterized by molar quantities but solutions or mixtures 
are characterized by their partial molar correspondents, e.g. partial molar volume, 
    
         ,  or partial molar Gibbs free energy,          
   .   
Excess functions are thermodynamic properties of a solution that are in excess of an 
ideal (or non-ideal- dilute) solution at the same conditions of temperature, pressure 
and composition. For an ideal solution all excess properties are zero (Prausnitz et al., 
1999). A general excess function is defined as: 
                                                                                                                                     
The partial molar volume,      
         of a component   in a system corresponds 
to the partial derivative of the total volume,       with respect to the molar amount 
of that component,        , given as: 
    
         (
  
   
)
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The density measurements of real aqueous solutions and density of pure water are 
used for the calculation of partial molar volumes and excess partial molar volumes.  
The partial molar Gibbs free energy, which is also called the chemical potential, 
provides the criterion for phase equilibrium of multi-component systems: 
        
    (
  
   
)
       
                                                                                                    
The chemical potential is the key quantity in the discussion of both phase 
equilibrium and chemical equilibrium of multi-component systems. The equilibrium 
condition for solutions or mixtures is equality of chemical potential of component   
in all the phases given as: 
  
    
       
                                                                                                                   
3.1.2. Fugacity and fugacity coefficients 
The fugacity of component  ,   , in a mixture at constant T for any system; solid, 
liquid, gas, pure, mixed, ideal or non-ideal is expressed as: 
     
      
  
  
                                                                                                                    
Both   
           and   
      are arbitrary but may not be chosen independently; if 
one is chosen, the other will be fixed. Writing analogous expressions for the liquid 
and vapor phase give:  
  
  
    
        
  
 
  
                 
    
       
  
 
  
                                                  
At equilibrium, the chemical potential in all phases are equal as given by Equation 
(3.4) thus: 
  
       
  
 
  
         
       
  
 
  
                                                                                  
If the standard state for liquid and gas are the same, i.e.    
     
         
     
   , 
this leads to additional criteria for equilibrium called isofugacity: 
                                                                                                                            
This infers that the equilibrium condition in terms of chemical potential can be 
replaced, without loss of generality, by an equation in terms of fugacity. 
For a pure ideal gas, the fugacity is equal to the pressure, and for a component   in a 
mixture of ideal gases, it is equal to its partial pressure,        . For all systems at 
Chapter 3  Theoretical Background 
29 
 
very low pressures, the gas behaves like an ideal gas and the fugacity is therefore 
equal to the partial pressure as defined by the limit: 
   
   
  
   
                                                                                                                                  
The fugacity coefficient,      ,  is the ratio of fugacity to real gas pressure defined 
as: 
  
   
                                                                                                                                     
Fugacity coefficient is a measure of non-ideality and is used to characterize the 
Gibbs excess function at fixed temperature and pressure. In a mixture of ideal gases, 
    . 
3.1.3. Activity and activity coefficients 
The concept of activity is an alternative approach to express the chemical potential 
in a real solution. The activity of component   at given temperature,     , 
pressure,      ,  and composition,      ,  is defined as the ratio of the fugacity of 
the component,     at these conditions, to the fugacity,   
 , at standard state 
(                   
    ). Activity of a substance gives an indication of how active 
a substance is relative to its standard state, it is defined as: 
      
  
  
                                                                                                                                  
Substitution of Equation (3.9) into Equation (3.5) gives a relationship between 
chemical potential and activity. 
     
                                                                                                                            
A general expression for the chemical potential in an ideal solution in terms of ideal 
mixing could be written as: 
  
        
                                                                                                                     
The activity coefficient,      , gives a measure of non-ideality of a solution, defined 
as a ratio of the activity of component    to its concentration, usually the mole 
fraction. 
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In an ideal solution the activity is equal to the mole fraction and the activity 
coefficient is equal to unity. Substitution of Equation (3.12) into Equation (3.10) 
gives: 
     
                                                                                                                
Subtraction of Equation (3.11) from Equation (3.13) gives 
     
                                                                                                                          
Equation (3.14) shows that the activity coefficient relates chemical potential in an 
ideal solution to the chemical potential in a real solution, thus representing a measure 
of non-ideality. There are two conventions for reference states for activity 
coefficient; Symmetric Convention: In this convention the activity coefficient of 
each component 
  is unity as its mole fraction approaches unity, i.e. solutes and solvents are liquids in 
their pure reference state. This convention leads to an ideal solution in the Raoult’s 
law sense;  
                                                                                                                                 
Asymmetric Convention: This convention applies when the pure component is solid 
or gas at the system temperature and pressure. The reference state is defined as the 
infinite dilute state and the activity coefficient is chosen to be unity as the mole 
fraction approaches zero. This convention leads to an ideal dilute solution in the 
sense of Henry’s law. The asymmetric activity coefficient,   
    , is the ratio of the 
actual activity coefficient and the activity coefficient at infinite dilution,   
    , 
defined as: 
 
  
     
  
  
                                                                                                                                
                                                                                           
                                     
                                                        
This convention is said to be asymmetric because solvent and solute are not 
normalized in the same manner.  
3.1.4. Raoult’s Law and Henry’s law  
Raoult’s law is one of the important applications of chemical potential (Prausnitz et 
al., 1999). The chemical potential of component   in the gas phase and in the liquid 
phase, for an ideal solution, can be calculated from Equation (3.5) and Equation 
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(3.11) respectively. At equilibrium, as mentioned, the chemical potential of 
component   must be equal in the gas and liquid phases, i.e.   
    
 , which lead to 
the following equation: 
  
             
       
  
  
                                                                                         
For a pure component  ,        and Equation (3.17) reduces to: 
  
               
       
  
 
  
                                                                                        
Here   
      is the fugacity of pure component  . Subtraction of Equation (3.18) 
from Equation (3.17) gives: 
            
                                                                                                                           
At low pressures, the gas phase behaves ideally and fugacities are equal to the 
pressures, which leads to: 
            
                                                                                                                          
Thus in an ideal solution, the partial pressure of component  ,       , depends on the 
vapor pressure of the pure component,    
     , and its liquid phase mole 
fraction,      . This is the definition of Raoult’s law.  
For a system at equilibrium, assuming the same reference state in both phases, the 
fugacity of a solute in gas phase is equal to the fugacity in the liquid phase. For a 
dilute solution, the concentration of the solute is approximately proportional to its 
mole fraction and for low pressures; the fugacity in gas phase is approximately equal 
to the pressure of the solute absorbed into liquid. Then the Henry's law can be 
written as: 
   
    
(
  
  
)                                                                                                                        
3.2. Thermodynamic Equilibrium Modeling 
The absorption or desorption of CO2 into or from an absorbent involves coexistence 
of gaseous and liquid phases under normal operating conditions. Although 
equilibrium is achieved neither in the absorber nor in the stripper column, these unit 
operations are typically modeled by discretization of the columns into a set of 
equilibrium stages, and considering an approach to equilibrium or an efficiency 
model (Taylor et al., 2003). A phase equilibrium model, therefore, is needed for the 
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calculation of compositions, enthalpies, entropies and other required properties of 
system. 
Non-equilibrium or rate-based modeling is the most recent approach to model 
absorption processes; however the assumption that equilibrium at the interface is 
achieved is still used in these models (Taylor et al., 2003). Hence an equilibrium 
model is inevitable even if a non-equilibrium approach is adopted. Moreover, in rate-
based models, the driving forces for mass transfer are more rigorously represented 
by use of the component fugacities, instead of concentrations or mole fractions.  
The use of species activities instead of concentrations in kinetic expressions is 
gaining great attention in recent years [(Sandoval et al., 2001); (Haubrock et al., 
2007); (Knuutila et al., 2010c)]. Nevertheless, the available models for calculation of 
species activities, e.g., Wilson, NRTL, UNIQUAC, are parameterized and the 
required parameters are regressed against experimental equilibrium data. This 
procedure also demands a good equilibrium model. 
Classical thermodynamics provides a framework for calculating the equilibrium 
distribution of species between a vapor and liquid phase in a closed system through 
the equality of their chemical potential among the contacting phases. The vapor 
liquid equilibrium model is based on phase equilibrium conditions for neutral 
species and chemical equilibria for all elementary chemical reactions in the system.  
The CO2 containing components in the liquid phase and aqueous 
hydroxide/carbonate systems, used in this work, are, apart from molecular CO2, all 
electrolytes. They dissociate in the aqueous phase to form a mixture of nonvolatile 
(ionic) or volatile (H2O, CO2) species. As previously mentioned the equilibrium 
distribution of these species between a vapor and liquid phase are governed by the 
equality of their chemical potential among the contacting phases. Chemical potential 
or partial molar Gibbs free energy is related to the activity coefficient of the species 
through partial molar excess Gibbs free energy, given as: 
              ∑      
 
                                                                                              
Equation (3.22) forms the basis for calculation of activity coefficients from excess 
Gibbs free energy models. An activity coefficient model (or excess Gibbs energy 
model) is an essential component of VLE models. The most important is to develop 
a valid excess Gibbs energy function, taking into consideration interactions between 
all species (molecular or ionic) in the system. In this regard, both apparent and 
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rigorous thermodynamic models have been proposed by various researchers to 
correlate and predict the vapor-liquid equilibrium. 
3.2.1. The Electrolyte-NRTL model 
The Electrolyte-NRTL (Non Random Two Liquid) model, based on excess Gibbs 
free energy of an electrolytic solution, was first proposed by Chen and coworkers  
[(Chen et al., 1979); (Chen et al., 1982)] and then extended by Chen, Evans and 
Mock [(Chen and Evans, 1986); (Mock et al., 1986)]. Augsten (Austgen et al., 1989) 
has summarized previous attempts to model the VLE of electrolyte systems. The 
Electrolyte-NRTL model assumes that the excess Gibbs free energy in the 
electrolyte system is the sum of two contributions [(Chen et al., 1982); (Chen and 
Evans, 1986); (Austgen et al., 1989)]: 
1. Short-range forces between all the species that include the local ion-molecule, ion-
ion, and molecule-molecule interactions. 
2. Long-range electrostatic ion-ion interactions 
The Electrolyte NRTL model is based on two fundamental assumptions (Chen et al., 
1982): 
1. Like-ion repulsion assumption: Due to the large repulsive forces between ions of 
the same charge, it is assumed that the local composition of cations around cations 
and anions around anions is zero. 
2. Local electro neutrality assumption: It is assumed that the distribution of cations 
and anions around a central solvent molecule is such that the net local ionic charge is 
zero. 
Thus, the expression for the excess Gibbs free energy as calculated by the 
Electrolyte 
NRTL model can be expressed as: 
                                                                                                                      
Where             is the molar excess Gibbs free energy,                is the 
molar excess Gibbs free energy contribution from long range forces, 
                  is the molar excess Gibbs free energy contribution from local 
forces. 
The long range contributions are represented as a combination of the Pitzer-Debye-
Hückel contribution (Pitzer, 1980) and the Born expression (Robinson and Stokes, 
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1970). The local interaction contributions or short range contributions are derived as 
per the NRTL model.  
The model used in this work, as presented in [(Monteiro et al., 2013); (Monteiro, 
2014)] adopts the model presented by (Austgen et al., 1989). The local or short range 
interactions are described as functions of non-randomness and energy parameters, 
which may vary with temperature. The expressions for calculating the activity 
coefficients as a function of these parameters can be found in (Chen and Evans, 
1986). The non-randomness parameters were fixed as  described by (Hessen et al., 
2010). The parameters for H2O-CO2 system were fixed as Aspen plus Electrolyte 
NRTL default values. The temperature dependent energy parameters were modelled 
according to Equation (3.24) (Hessen et al., 2010).  
        
   
 
                                                                                                                         
3.2.2.Equilibrium modeling with reactive absorption 
This work deals with reactive absorption where phase equilibria go together with 
chemical reactions between chemically reactive species. There are two strategies 
typically adopted for solving the chemical phase equilibria problems; the direct 
minimization of the Gibbs free energy, and the solution of a system of algebraic 
equations representing the phase and chemical equilibria. In the later approach, 
phase equilibrium is formulated as the equality of fugacities (Monteiro, 2014). In 
addition to phase equilibrium, the chemical equilibrium needs to be solved. In this 
work, this is accomplished by solving the nonstoichiometric equation given as 
(Monteiro, 2014):  
            ∑∑  
 
  
   
  
   
 [     
      (
  
 
  
  )]                                                          
Here    represents the number of phases (either liquid or vapor in this work),    is 
the number of chemical species,   
  represents the fugacity of component   in phase 
 ,    
       represents the number of moles of component   present in 
phase         
     represents the fugacity coefficient of component   in phase  .  
The vapor liquid equilibrium of a system at constant temperature and pressure can be 
described by using the condition of isofugacity as shown by Equation (3.6). 
Applying definitions of fugacity coefficient,       from Equation (3.8), 
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activity,        from Equation (3.9), and activity coefficient,       from Equation 
(3.12), relates the fugacity coefficients to activity coefficients as: 
            
                                                                                                                        
For the hydroxides and carbonate systems the ionic components can be considered to 
be non-volatile and phase equilibrium will be formulated only for water and CO2. 
The reference fugacity of water is typically pure water at the system temperature and 
pressures and activity of water approaches unity as the mole fraction of water 
approaches unity (Deshmukh and Mather, 1981). The reference fugacity is specified 
to be the saturation pressure of water at the system temperature and can be expressed 
as a function of temperature only as given by: 
    
           
           
                                                                                                     
Introducing Equation (3.27) in Equation (3.26) defines the vapor liquid equilibrium 
as a function of system temperature, T[K], pressure, P[Pa], liquid and vapor phase 
mole fractions (             ) given as: 
                                    
           
                                               
For the gaseous solute CO2 the reference state fugacity is infinite dilution and the 
vapor liquid equilibrium can be expressed as: 
                       
                
                                                              
Here     
       is the Henry’s law constant of the solute at infinite dilution in water 
and     
     is the activity coefficient with infinite dilution as the reference state. In 
the Equations (3.28) and Equation (3.29),         follows the symmetric convention 
as given by Equation (3.16a), while     
     follows the asymmetric convention as 
given by Equation (3.16b).  
A correction term called the Poynting factor is used to relate fugacities at different 
pressures and is given as: 
       
        
        
     (∫
    
  
  
  
)                                                                              
After introduction of Poynting factor, the phase equilibrium expressions become; 
For water: 
                                    
           
          [
    (      
   )
  
]           
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For CO2: 
                                      
        [
    
 (      
   )
  
]                             
In Equation (3.31) and Equation (3.32)       
         and     
            are 
the partial molar volumes respectively of water and CO2 at infinite dilution in water 
and     
       is infinite dilution Henry’s law constant based on mole fraction. 
 
3.3. Basics of Mass Transfer and Kinetics 
In the chemical absorption process, reaction kinetics of the absorbent is critical in 
determining the absorber performance and to enable optimal design. Absorption of 
gases into liquids takes place by diffusion and convective mechanisms. Diffusion is 
caused by the random molecular transport of dissolved gas in the presence of a 
concentration gradient. Diffusion can be the only transport mechanism in a stagnant 
liquid. This mechanism alone is not realistic for an industrial absorption process. 
Convective transport combined with diffusion is typical for an absorption process 
since the liquid is always, to some extent, agitated and the mass transfer itself may 
result in a net convective flow. Convective mass transfer involves bulk fluid motion 
where mass transport occurs between a boundary surface and a moving fluid, or 
between immiscible fluids as a result of driving forces created by concentration 
difference between a boundary and the bulk phase (Kays et al., 2005). Gas 
absorption into an agitated liquid is influenced by two sets of factors: 
physicochemical factors such as solubility and diffusivity of gas in liquid, reagent 
concentration, reaction velocity constant, reaction-equilibrium constant and 
hydrodynamic factors such as geometry and scale of the equipment; viscosity, 
density, liquid flow rate (Danckwerts and Kennedy, 1954). 
Mass transfer of a gas solute,   , into liquid can occur with or without a chemical 
reaction.  When mass transfer into the liquid phase occurs without chemical reaction 
(physical absorption) the mass transfer rate in terms of flux,   
               in 
the liquid phase is given by: 
  
                  
                                                                                           
Here   
         is the liquid mass transfer coefficient without chemical reaction, 
          
   and           
    are the concentrations at the interface and bulk 
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liquid respectively. If the absorption is accompanied by chemical reaction; the actual 
mass transfer rate in terms of flux,         
        , may be larger than values 
for physical absorption and can be expressed as: 
        
                                                                                                      
Where       
    is the liquid side mass transfer coefficient with chemical reaction. 
The ratio between the actual liquid  phase mass transfer coefficient, observed under 
the same driving force, with and without chemical reaction is known as the 
enhancement factor,        (Astarita et al., 1983).  
      
  
  
                                                                                                                               
In a reactive absorption system information on the enhancement factor is required if 
an enhancement factor based mass transfer model is utilized. A large number of 
enhancement factor expressions based on different mass transfer models are found in 
literature; ranging from the simpler two film model (Lewis and Whitman, 1924) to 
the more complex penetration model (Higbie, 1935a) and surface renewal model 
(Danckwerts, 1970a). The enhancement factor expression used depends on whether a 
reversible or irreversible reaction is assumed. Summaries of enhancement factor 
expressions for various reactions can be found in (Van Swaaij and Versteeg, 1992). 
The    expression can be simplified when a pseudo first order irreversible reaction 
approach can be assumed, (see Paper III). 
3.3.1.Chemical absorption models 
The two-film theory model (Lewis and Whitman, 1924)  is the simplest model to 
describe the mass transfer that occurs when a gas phase is in contact with a liquid 
phase. It assumes the existence of a stagnant film of thickness,     , near the gas-
liquid interface through which mass transfer can only take place by molecular 
diffusion while the rest of the liquid phase is perfectly well mixed. Thus the 
concentration at a depth,     ,  from the interface is equal to the bulk-liquid 
concentration for all species. Mass transport was assumed to take place by steady 
state molecular diffusion through the film while mass transfer by convection within 
this layer was assumed to be insignificant. Beyond the thin layers mixing is 
sufficient to eliminate concentration gradients (as shown in Figure 3.1).  
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The mass transfer from gas phase to liquid phase with a first order reaction is 
determined at steady state from the mass balance of the solute gas, given as: 
  
    
   
                                                                                                              
with boundary conditions: 
                                                                                                           
The solution will give the flux of solute through the gas-liquid interface as given by 
Equation 3.34, where the mass transfer coefficient is given as: 
      
    
  
 
                                                                                                                
 
 
Figure 3.1.  The two-film theory for mass transfer between a gas and a liquid 
 
For a pseudo first order irreversible reaction, Hatta (Hatta, 1932) presented the 
analytical solution for the mass transfer for the film model. Starting from the mass 
balance for the solute:  
  
    
   
                                                                                                           
With boundary conditions as given below: 
                                     [
   
  
]
 
                                                
The solution resulted in an enhancement factor given as: 
           
  
        
                                                                                                         
           
√    
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Here       is the Hatta number and     
    is the first order rate constant. The 
Hatta number compares the maximum rate of reaction in a liquid film to the rate of 
diffusion through the film. 
The penetration model (Higbie, 1935a) for mass transfer assumes that the gas-
liquid interface is made up of a variety of small liquid elements, which are 
continuously brought to the surface from the bulk of the liquid by the motion of the 
liquid phase itself. Each liquid element is considered to be stagnant, and the 
concentration of the dissolved gas in the element is considered to be equal to the 
bulk-liquid concentration when the element reaches the surface. The residence time 
at the phase interface is the same for all elements. Mass transfer takes place by 
unsteady molecular diffusion in the various elements of the liquid surface. The mass 
transfer from gas phase to liquid phase is determined as an unsteady state condition 
from the mass balance of the solute as:  
  
    
   
  
   
  
                                                                                                                       
With following initial and boundary conditions in space and time: 
                                                                                                   
The solution will lead to an average rate of mass transfer over the time interval 0 
to        given by Equation 3.34, where the mass transfer coefficient is given as: 
 
      
     √
  
   ⁄                                                                                                        
For a pseudo first-order irreversible reaction, the enhancement factor can be 
expressed as [(Danckwerts, 1970a); (Van Swaaij and Versteeg, 1992) ]:  
            [{  
 
    
   (√
    
 
)  
 
   
   (
    
 
)}]                       
The surface renewal, a more complex model was first introduced by (Danckwerts, 
1951). The model is an extension of the penetration theory where it was assumed 
that the liquid elements stay the same time at the phase interface. In the surface 
renewal model the liquid elements do not stay the same time at the phase interface. 
The distribution of surface element contact times is described by a distribution 
function:  
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where           and        is the is the fraction of the area of surface which is 
replaced with fresh liquid per unit time. 
The rate of absorption at the surface is taken as the average of the rates of absorption 
in each element and can be expressed as: 
   ∫        
 
 
          √
  
 
(         )∫
     
√ 
 
 
                                 
The mass transfer coefficient resulting from this model is then    √     
In both the penetration and surface renewal models, the unknown thickness of the 
film has disappeared and been replaced by an unknown contact time        or an 
unknown retention time distribution parameter       .  
For a pseudo first-order irreversible reaction, the mass balance for the solute for the 
diffusion, reaction and accumulation can be written as: 
 
  
    
   
       
   
  
                                                                                                         
 
With following boundary conditions: 
   
                                                                                                       
Here     
    is the first order rate constant. Implementing the Laplace transform 
with the boundary conditions, and using inverse transformation, the solution of 
Equation (3.48) can be written as the distribution of concentration         as:  
  
    
     
 
 
    [  √
  
  
]    [
  
    
 √   ]  
 
 
    [ √
  
  
]    [
  
    
 √   ]                       
Equation (3.50) can be simplified for large value of √    to: 
  
    
        [  √
  
  
]                                                                                                      
The rate of absorption in an element having a surface ‘age’         can be calculated 
as: 
           
         √          [   (√    
     
√    
)]                                     
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The average absorption rate at the surface can be determined using Danckwert’s 
‘age’ function as:  
       √               √  (   
  
 
  
)             √  
    
  
                 
Hence the enhancement factor for this model can be expressed as: 
           √  
    
  
  
 √                                                                                   
 
For the pseudo-first-order irreversible reaction, the enhancement factors derived 
from the three different models for mass transfer are very similar. The largest 
deviation among the model is found to be 7.6 % for      (Van Swaaij and 
Versteeg, 1992). Hence it can be concluded that for a pseudo-first-order 
irreversible reaction: 
                                                                                   
The regime of the reaction can be determined from the absolute value of        and 
the ratio between         and         (the infinite enhancement factor) given as: 
Slow reaction regime (        , no enhancement caused by the chemical 
reaction. The absorption flux depends on the physical mass transfer coefficient and 
since the mass transfer coefficient is strongly liquid flow rate dependent, the 
absorption flux will also depend on the liquid flow rate. 
Fast reaction/ pseudo-first order regime (        ), gives weak to strong 
enhancement of the mass transfer rate due to the reaction. In this regime the 
absorption flux is independent of the physical mass transfer coefficient and, hence 
independent of liquid flow rate. 
Instantaneous reaction regime (         ), the reaction is said to be 
instantaneous with respect to the mass transfer and the absorption flux is limited by 
diffusion of the reactants. 
A transition regime (        ) also exists. This region falls between slow 
reaction regime and fast reaction regime. 
Expressions for the infinite enhancement factor for the different mass transfer 
models can also be found in (Van Swaaij and Versteeg, 1992). 
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(Astarita et al., 1983) uses a term called the ‘ratio of the diffusion time,      ,    over 
the reaction time,      ,’ , denoted by,     
   
  
   , to classify the reaction regimes 
based on the film model. The diffusion time,      , is the time needed for molecular 
diffusion to make the concentration uniform, and the reaction time,      ,  is the time 
required for the chemical reaction to proceed to such an extent that the concentration 
of the limiting reactant is changed significantly. Three different regimes can be 
represented as 
Slow reaction              ),  the reaction is too slow to have any significant 
influence on the diffusion phenomena and no enhancement will take place,    
      . 
Fast reaction             √ ), the reaction is fast enough to result in a 
significant change in limiting reactant concentration and rate enhancement results. 
Liquid at the interface is not in chemical equilibrium with the gas phase. Reaction 
proceeds at finite rate and equilibrium is not established instantaneously,       
     
   .  
Instantaneous reaction               , the reaction is infinitely fast and 
chemical equilibrium is established instantaneously,      
    . All resistance to 
mass transfer has been eliminated due to chemical kinetics.  
3.3.2.Gas-side resistance and overall mass transfer coefficient 
In a gas mixture of soluble and insoluble gases, the soluble gas must diffuse through 
the insoluble gas to reach the interface. Thus the partial pressure of the soluble gas at 
the interface is generally less than that in the bulk gas. The ‘gas film resistance’ is 
then the stagnant film of gas of finite thickness across which the soluble gas is 
transferred by molecular diffusion alone, while the bulk of the gas has a uniform 
composition (Danckwerts, 1970a). The two-film model as shown by Figure 3.1, 
could be used to describe the phenomena on both the liquid and gas sides of the 
interface. The soluble gas is being transported across both films by a steady-state 
process. This can be expressed as: 
        
          (       )      
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Introducing an apparent Henry’s law constant,   
                , at interface, 
       
        , to eliminate interfacial concentrations and use of Equation (3.35) 
gives: 
        
        
     
       
 
  
 
  
   
  
  
  
  
        
 
  
 
 
  
     
                                                     
Or 
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       )       
  
  
                                        
Where 
 
    
  
 
  
 
  
   
  
          
 
    
 
 
  
 
 
  
     
                                                            
Thus Equation (3.60) gives the overall mass transfer coefficients, 
          
             and         
   , as reciprocals of the sum of 
resistances in the two films. In reality the values of          
             and  
      
    are likely to vary from point to point, the average overall resistance will 
then be the average of the local values obtained by summing the local resistances 
and not the sum of the average overall resistances. Mannford-Doble (Mannford-
Doble, 1966) concluded through careful experiments that average overall resistances 
and the sum of the two averaged resistances are not significantly different for 
practical purposes. 
Equation (3.58) and Equation (3.59) show that there are two possible limiting 
behaviors in the system considered namely: 
Gas-Phase Control  
   
  
  
     
                       (     
       )                                                
This implies that the value of liquid film mass transfer coefficient,       
   ,  is 
much  higher than that of gas film mass transfer coefficient, 
        
             and the  mass transfer in the liquid phase is much easier 
than in gas phase, hence only a negligible fraction of the driving force, (
  
  
        ), 
is utilized  in the liquid phase. Thus           
    is almost equal to 
          
   . 
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Liquid-Phase Control 
   
  
  
     
                        
  
  
                                                              
In this case mass transfer is easier in the gas phase than in the liquid phase. Thus the 
overall driving force is almost entirely utilized in the liquid phase so that      is 
almost equal to    . As seen from Equation (3.62), liquid phase control is more 
likely to occur for systems with high value of apparent Henry’s constant (low 
solubility of gas in liquid). 
3.3.3. Concentration and activity based kinetics 
For an irreversible second order reaction in liquid phase as follows: 
                                                                                                                              
The reaction rate is given by: 
        
                                                                                                              
                                                                                                                       
Here         
     and          
    are the molar concentrations of the 
components A and B respectively.    
The expression given by Equation (3.65) is the same as that for a first order reaction. 
This simplification for fast second order reactions, as previously mentioned, is called 
the pseudo-first order approximation. By use of this approximation, a second-order 
chemical reaction can be treated as if it were a first-order reaction and the 
enhancement factor expressions, approaching the value of the Hatta number,   as 
derived from different mass transfer models in section 3.3.1., can be used. The 
reaction condition requirements for the application of the pseudo-first order 
approximation as given in section 3.3.1. can be found in (Danckwerts, 1970a) and 
Paper III as presented in Chapter 7. 
For reaction, as given by Equation (3.63), the pseudo first order reaction rate 
constant,     
   , can be calculated by use of Equation (3.35), Equation (3.42) and 
Equation (3.60) for           
             to eliminate       
   . 
 
    
       
  
    
(
 
    
  
 
  
)
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The second order rate constant,     
            , can now be calculated by: 
 
    
              
  
  
                                                                                                     
 
The concentration based kinetic constant will be a function of the composition of the 
system at a given temperature and is not a real constant because it will depend on the 
concentrations of ions in the solution as well as the type of ions, see [(Pinsent et al., 
1956); (Pohorecki and Moniuk, 1988); (Kucka et al., 2002); (Knuutila et al., 2010c)] 
and Paper III  as presented in Chapter 7. 
A kinetic expression based on activities can be expressed as: 
                 
                                                                                                 
The activity based kinetic constant,   
   as presented in Equation (3.68) should be 
independent of the concentration and type of ions present in the reaction solution and 
behave like an Arrhenius type function which is only temperature dependent. The 
activity based kinetic constants are expected to be real constants at a particular 
temperature,  because activities of the reactants should take care of the changes in 
reaction rate with nature and  composition of reactants, see [(Haubrock et al., 2007); 
(Knuutila et al., 2010c)] and Paper IV as presented in Chapter 8. 
In activity based VLE models like the Pitzer (Pitzer, 1980), Electrolyte NRTL (Chen 
and Evans, 1986) the distribution of CO2 between the vapor and liquid phase is 
normally modeled based on the Henry’s law constant at infinite dilution in water 
with Equation (3.32). In the calculation of kinetic constants, the concentration of 
species   is typically calculated based on measurements through an apparent 
Henry’s law constant. Introduction of apparent molar based Henry’s law constant 
based on mole fraction,   
                   in Equation (3.32), with Poynting 
factor set equal to 1, gives: 
  
             
                                                                                                                  
The mass transfer equation or flux based on activities can be rewritten as (Knuutila 
et al., 2010c): 
        
            
  (         )                                                                         
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Combining Equation (3.57) (for A=CO2) and Equation (3.70) with the apparent 
Henry’s law, the overall gas side mass transfer coefficient,     , can be expressed 
as: 
          
              
 
 
  
 
  
  
    
    
 
 
 
 
  
 
  
 
    
 
                                            
Here   
       and   
               are the mole fraction (     ) based and 
molar concentration (        
   ) based values of the infinite dilution Henry’s law 
constant respectively,            
    is the total molar density of the solution 
(solvent plus all solutes). At infinite dilution of all solutes in an aqueous solution; 
CO2, hydroxides and carbonates in this work,           
                
   . 
Hence   
       can be converted to   
               by division with molar 
density of the total solution, which is equal to the molar density of water in case of 
infinite dilution of aqueous solutions.   
The enhancement factor for the pseudo-first order reaction should also be calculated 
from the activity based kinetic constant.  The film theory for irreversible first order 
reaction gives the rate constant as: 
                 
                                                                                                       
If the activity of component A, CO2 in this case, is considered to be constant in the 
film, for high values of Hatta number, it can be shown that (Knuutila et al., 2010c): 
 
       
√  
     
  
   
                                                                                                     
 
Combining Equation (3.71) and Equation (3.73) gives the activity based first order 
rate constant as: 
 
  
       
  
    
(
 
    
  
 
  
)
 
  
                                                                                               
The second order kinetic based rate constant can be calculated as: 
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When the concentration of all solutes approaches zero or at infinite dilution of both 
components A and B, where the activity coefficients;       and      , are unity, 
Equation (3.68) reduces to(Knuutila et al., 2010c): 
                
                                                                                                     
The concentration based rate equation at infinite dilution can be written as: 
                 
                                                                                                     
A comparison of Equation (3.76) and Equation (3.77) gives: 
  
                  
                                                                                  
Thus the infinite dilution values of the second order rate constants based on 
concentration and based on kinetics must be equal (Knuutila et al., 2010c). This 
means that with the infinite dilution kinetic constant and an equilibrium model to 
precisely predict the activities of hydroxyl ion and CO2, the kinetics of any 
concentration can be predicted. 
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4. Experimental Work 
This chapter provides a short review of the materials, experimental methodology and 
equipment used for execution of research work described in this thesis. The density, 
N2O solubility, ebulliometric measurements of water vapor pressure over LiOH 
solutions and mass transfer experiments performed on string of discs contactor 
(SDC) are summarized in this chapter. All the aforementioned experimental 
measurements were required for equilibrium modeling and kinetics evaluation, both 
on concentration and activity basis, of hydroxide and carbonate systems presented in 
this work. 
4.1. Materials and Solutions Preparation 
The purity and suppliers of all chemicals used for the experimental work are given in 
Table 4.1. The purity of KOH as provided by the chemical batch analysis report 
from MERCK was relatively low. Thus it was determined analytically by titration 
against 0.1N HCl and was found to be 88 wt.%; the rest being water. All other 
chemicals were used as provided by the manufacturer without further purification or 
correction. 
Table 4.1: Purity and suppliers of chemicals used for experimental work 
Name of Chemical Purity Supplier 
LiOH Powder, reagent grade, > 98% SIGMA-ALDRICH 
NaOH > 99 wt.%, Na2CO3 < 0.9% as impurity VWR 
KOH *88 wt.% MERCK 
Na2CO3 > 99.9 wt.% VWR 
K2CO3 >   99 wt.% SIGMA-ALDRICH 
N2O gas ≥ 99.999 mol% YARA-PRAXAIR 
CO2  gas  ≥ 99.999 mol% YARA-PRAXAIR 
N2 gas  ≥ 99.6 mol% YARA-PRAXAIR 
* The purity is based on the titration results against 0.1M HCl. Since the purity was relatively 
low, all experimental data of KOH are presented after correction for purity.   
All the  solutions of hydroxides and blends (hydroxides + carbonates) used  for HCl 
titration (KOH for purity), density measurements, N2O solubility, ebulliometric 
measurements and absorption experiments were prepared at room temperature on 
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molar basis by dissolving known weights of chemicals in deionized water and the 
total weight of deionized water required to make a particular solution was also noted. 
Thereby the weight fractions of all chemicals and water for all molar solutions were 
always known.  
4.2. Experimental Procedures 
4.2.1. HCl-titration for KOH purity  
The simplest method to analyze the purity of supplied KOH was the titration of 
KOH solution of known molarity with a standard HCl solution. The 2M solution of 
KOH was prepared by dissolving KOH in deionized solution. A sample of about 1ml 
of prepared solution was weighed and dissolved into 60 mL of deionized water and 
the solution was titrated against a standard 0.1M HCl solution. The actual 
concentration of KOH was calculated as follows: 
          
    
                 
       
                                                                                   
Here        ,              
   ,           and            
    are the volume of 
standard HCl solution used for titration, concentration of that HCl solution, mass of 
sample KOH solution added to deionized water and density of that KOH solution 
respectively. Two parallel titrations were carried out for the sample. The density of 
KOH solution was measured at 25°C by an Anton Paar Stabinger Density meter 
DMA 4500. 
The purity of KOH solutions was calculated on the basis of following: 
                       
                                                   
                                                  
                                  
4.2.2. Density measurements  
Accurate density measurements were required for determination of KOH purity by 
titration presented above, the calculations of the N2O solubility into hydroxides and 
blends and evaluation of kinetic experiments performed on SDC. The densities of all 
the prepared molar solutions of hydroxides and blends were measured by an Anton 
Paar Stabinger Density meter DMA 4500 for the temperature range 25 to 80°C. The 
nominal repeatability of the density meter, as described by the manufacturer, was 
1×10
-5
g.cm
-3
 and 0.01°C with a measuring range from 0 to 3 g.cm
-3
.  A sample of 
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10±0.1 mL was placed in a test tube, and put into the heating magazine with a cap 
on. The temperature in the magazine was controlled by the Xsampler 452 H heating 
attachment. For each temperature and solution, the density was calculated as an 
average value of two parallel measurements. The density meter was compared with 
water in the temperature range from 25 to 80°C before start and after the end of 
every set of experiments. The repeatability of the density meter established by 
experimental data obtained for water was 6×10
-4 
g.cm
-3
.   
The density and N2O measurements described in this section are basis for the Paper 
I as given in Chapter 5 and all experimental results obtained are presented there. 
4.2.3. N2O solubility measurements  
The physical solubility of N2O into deionized water and aqueous solutions of 
hydroxides and carbonates was measured using the apparatus shown in Figure 4.1. 
The apparatus consists of a stirred, jacketed reactor (Büchi Glass reactor 1L, up to 
200°C and 6 bara) and a stainless steel gas holding vessel (Swagelok SS-316L 
cylinder 1L). The exact volumes of reactor, VR and gas holding vessel, Vv, 
calculated after calibration, were 1069 cm
3
 and 1035 cm
3 
respectively.  
 
Figure 4.1. The experimental set-up for N2O solubility experiments 
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A known mass of absorbent (water, aqueous solutions of hydroxides and/or 
carbonates in this work)   was transferred into the reactor. The system was degassed 
at room temperature (25°C) once under vacuum by opening (about for one minute) a 
vacuum valve at the top of reactor until a vacuum around 4±0.5 kPa was obtained in 
the reactor. To minimize solvent loss during degassing, a condenser at the reactor 
outlet was installed. The temperature of the condenser was maintained at 4°C 
(corresponding to a water saturation pressure of 0.8 kPa) with the help of a Huber 
Ministat 230-CC water cooling system.  
After degassing, the reactor was heated to desired temperatures, ranging from 25 to 
80°C for all experiments, except for some water experiments which ranged from 25-
120°C. The equilibrium pressure profiles before addition of N2O were obtained for 
aforementioned temperature range starting from 25°C.  The reactor temperature was 
controlled by a Julabo-F6 with heating silicon oil circulating through the jacketed 
glass reactor and a heating tape at the top of the reactor.  
N2O gas was added at the highest operating temperature (80°C or 120°C in this 
work), by shortly opening the valve between the N2O steel gas holding vessel and 
the reactor. The initial and final temperatures and pressures in the N2O gas holding 
vessel were recorded. After the addition of N2O, starting with the highest 
temperature (80°C or 120°C), equilibrium was established sequentially once again at 
all the same temperatures for which equilibrium pressures without N2O were 
obtained previously. The pressures in the gas holding vessel and reactor were 
recorded by pressure transducers PTX5072 with range 0-6 bar absolute and accuracy 
0.04% of full range. Gas and liquid phase temperatures were recorded by PT-100 
thermocouples with an uncertainty ±0.05°C. All data were acquired using FieldPoint 
and LabVIEW data acquisition systems. 
It was possible to operate the setup in both manual and automated mode. The only 
difference in manual and automated mode was the selection of temperature set-
points. In manual mode, the temperature set points were selected manually after 
achieving equilibrium at each temperature. The equilibrium in the reactor at a 
particular temperature was established after 3 to 4 hours when   ,     and   ; 
representing pressure in the reactor and  temperatures of liquid and gas phases in 
reactor respectively, were stable and difference in    and    was not more than ±0.5 
°C.  
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In the automated mode the temperature set-points (25-80°C) were selected after 
degassing and the system was allowed to achieve equilibrium at each set-point. The 
establishment of equilibrium was determined automatically by certain criteria of 
variance in temperatures and pressures. The equilibrium criteria are given as: 
                                                                          
The above mentioned criteria state that equilibrium would be considered to be 
established when the temperature difference in the reactor between gas and liquid 
phase was less than 0.1°C, the variance in liquid phase temperature was less than 
0.015°C, the variance of gas phase temperature was less than 0.025°C and the 
variance in reactor pressure was less than 0.5 kPa during an interval of half an hour. 
The criterion for the gas temperature variance was kept less strict than that for the 
liquid phase because it was more difficult to achieve temperature stability in the gas 
phase as compared to the liquid phase. For automated mode, equilibrium in the 
reactor at a particular temperature was usually attained in 2 to 3 hours, but for some 
experiments with LiOH, it took up to six hours to meet the above mentioned criteria 
of temperature and pressure variance.  
The equilibrium partial pressure of N2O,          , in the reactor at any 
temperature was taken as the difference between the total equilibrium pressure in the 
reactor before and after addition of N2O at a particular temperature. 
                                                                                                      
The use of Equation (4.3) assumes that the addition of N2O does not change the 
vapor liquid equilibria of the absorbents (water or aqueous solutions of hydroxides 
and/or carbonates in this work). When the total volume of the reactor     
  , the 
amount of liquid in the reactor        and the density of liquid        
    are 
known, the amount of N2O in the gas phase can be calculated by:  
    
        
     
         
    
                                                                                                                
Here                  is the ideal gas constant,        is the reactor temperature 
(             ) and      is the compressibility factor for N2O at equilibrium 
temperature and pressure. The compressibility factor was calculated using the Peng–
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Robinson equation of state using critical pressure of 7280 kPa, critical temperature 
of 309.57 K and acentric factor of 0.143 (Green, 2008).  
The total amount of N2O added to the reactor can be calculated by the pressure and 
temperature difference in the gas vessel before and after adding N2O to the reactor.  
    
           
  
  
(
   
     
 
   
     
)                                                                                     
Here     
  ,         and       are  the volume, pressure and temperature of the 
gas holding vessel respectively,      is the compressibility factor for N2O and  
                is the universal gas constant. Subscripts “1” and “2” denote the 
parameters before and after the transfer of N2O to the reactor. The amount of N2O 
absorbed into the liquid phase of the reactor can be calculated as the difference 
between N2O added to the reactor and N2O present in the gas phase and the 
concentration of N2O in the liquid phase,      
          , can then be calculated by 
    
           
    
          
 
          
                                                                                       
The N2O solubility into the solution can be expressed by an apparent Henry’s law 
constant defined as:  
         
          
    
     
                                                                                              
Here      is the apparent Henry’s law constant for absorption of N2O into the 
absorbent;          is the partial pressure of N2O present in the gas phase and 
    
           is the amount [mol] of N2O present per unit volume [m
3
] of 
absorbent (water or aqueous solutions of hydroxides and/or carbonates). 
4.2.4. Water vapor pressure over LiOH solutions measurements 
The equilibrium modeling needed for the calculations of activities, to be used in 
activity based kinetics evaluation, requires equilibrium data. The N2O solubility 
measurements performed in this work and literature equilibrium data available for 
hydroxides and carbonates, as presented in Chapter 2, was good enough to provide 
the basis for equilibrium modeling presented in paper II given as Chapter 6 for 
Chapter 4  Experimental Work 
55 
 
systems containing Na
+
 and K
+
 counter ions. However the available equilibrium data 
for lithium were very limited in literature; a number of experiments were conducted 
to measure water vapor pressure over 0.25-8.5 wt.% solutions of LiOH for a range of 
temperature 40-90°C.  
The measurements were performed in a modified Swietoslawski ebulliometer. The 
scheme of the experimental setup is shown in Figure 4.2. Detailed description of 
equipment can be found in (Ha´la et al., 1958) and (Rogalski and Malanowski, 1980) 
The ebulliometer, which is made of glass, has a volume of 200 mL. It is designed for 
operation at temperatures up to 200°C and pressures of 1bar at the maximum. The 
temperatures were measured with calibrated Pt-100 resistance thermo sensors with 
an uncertainty of ±0.05°C. These were logged online via Chub-E4 thermometer 
readout (Hart Scientific, Fluke). The pressure was measured and controlled with a 
calibrated DPI520 rack mounted pressure controller (Druck, Germany). The 
uncertainty of the pressure controller was 0.3 kPa.  
 
Figure 4.2: Experimental setup: 1, ebulliometer; 2, pressure controller; 3, temperature 
controllers; 4, cold trap; 5, buffer vessel; 6, vacuum pump with a buffer vessel (Kim et al., 
2008). 
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An ebulliometer can be used either under isothermal or isobaric mode, to measure 
the boiling point of liquids by measuring the temperature of the vapor-liquid 
equilibrium. In isobaric mode pressure is kept constant and temperature is changed 
while in case of isothermal mode, temperature is kept constant and pressure is 
changed to get the equilibrium. Isothermal mode was used for the measurements 
used in this work. First of all, ebulliometer was washed and boiled with water and 
data was collected by running water only to validate the accuracy of equipment and 
experimental procedure. For better and more accurate results, the ebulliometer was 
washed and boiled three to four times with the desired solution prior to start of the 
experiment with that solution. Then, ebulliometer was charged with 95-100 mL of 
the LiOH solution of known weight concentration and purged with nitrogen. 
Pressure was lowered by using vacuum pump and apparatus was checked for any 
leakages by observing the fluctuation in pressure operating line for very low pressure 
inside ebulliometer. Pressure was adjusted gradually by introducing N2 gas to get the 
desired equilibrium temperature. The liquid would be heated and evaporated 
partially. The Cottrell pump carries the overhead liquid and vapor condensate to 
equilibrium chamber. This process continued until equilibrium was established with 
smooth boiling and temperature was almost a constant value (with fluctuations not 
more than 0.05°C) for more than 10-15 minutes. The value of equilibrium pressure 
was noted which is the vapor pressure of water over LiOH solution of desired 
concentration. 
4.2.5. Kinetics measurements with string of discs contactor (SDC) 
A string of a discs contactor (SDC) as shown in Figure 4.3 was used to perform the 
kinetic experiments with aqueous solutions of hydroxides and carbonates. The string 
of discs is made of unglazed ceramic material. It comprises an arrangement of 
      discs each with diameter,         
    and thickness      
     .  The inner diameter of the glass column is          
   . The 
equivalent diameter is,           
   . The characteristic active length of the 
column is about,             . 
The actual mass transfer area is,              
      and can be calculated by: 
      
   [  (
 
 
)
 
        ]                                                                               
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Figure 4.3: Arrangement of string of discs (SDC) absorption column (Ma'mun et al., 2007) 
The discs are arranged on a string in a vertical row at alternating straight angles as 
shown in Figure 4.3.  
The set-up used for measurements is shown in Figure 4.4. The string of discs column 
is operated counter-currently with liquid flowing from top to bottom and gas flowing 
upwards. The liquid flows through a tube that ends in a jet. The liquid is removed 
with a small tube from the funnel. The gas is fed from the bottom with long enough 
distance from the first disc to ensure a smooth gas flow. The liquid and gas flow 
rates are independently adjustable by use of a peristaltic liquid pump (EH Promass 
83) and a gas blower. The flow of the blower is controlled by a Siemens Micro 
Master Frequency Transmitter and it has a maximum flow rate of 1.75 Nm
3
.hr
-1
.The 
concentration of feed mixture of gases, N2 and CO2, is controlled by two Bronkhorst 
Hi-Tec mass flow controllers and the concentration of CO2 in bleed is measured by 
using an IR Fisher-Rosemount BINOS 100 NDIR CO2 analyzer. Five K-type 
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thermocouples were used to register the 4 inlet and outlet gas and liquid 
temperatures and the temperature inside the chamber.  
 
Figure 4.4: Experimental set-up of the string of discs (SDC) absorption column (Hartono et al., 
2009)  
The absorbents (aqueous solutions of hydroxides and blends of hydroxides and 
carbonates) were fed to the column at a flow rate which is in the range where the 
absorption rate is independent of liquid flow rate. This is to ensure that the 
absorption takes place in the fast reaction regime in which the kinetic parameters can 
be measured. To estimate this range,  preliminary experiments with varying the 
liquid flow rate at a given temperature were required and then the constant 
absorption rate range was determined from a plot of CO2 flux against the liquid flow 
rate (Ma'mun et al., 2007). 
The cabinet was heated until desired temperature was reached; afterwards a known 
mixture of CO2 and N2 was fed into the column. A small amount of nitrogen has to 
enter the system, in addition to CO2, because the pressure in the system is 
maintained constant by small amounts of gas bleeding out of a water lock. Typically 
the pressure in the apparatus will be about 50 Pa higher than the atmospheric 
pressure because of this water lock. The difference is considered negligible.   
 
TI
TI
TI
TI
MFC
MFC
MFC
Heated Cabin
CO2 Analyser
Liquid
 Tank
Liquid
 Tank
CO2 N2
MFC
TI
Chapter 4  Experimental Work 
59 
 
The experiments were run until steady state was achieved and were terminated when 
the temperature had reached a stable value at the desired level and a constant 
concentration level of CO2 was obtained from the analyzer. The rate of absorption of 
CO2 into the liquid was calculated from a solute mass balance over the entire system, 
i.e. CO2 entering,     
           , and going out,     
            , from the system 
and can be expressed as: 
    
                      
       
                                                                                      
The amount of CO2 entering,    
           , in  the system can be determined from 
the CO2 mass flow controller while the amount of CO2 going out,    
            ,  
from the system through the constant pressure bleed and  can be calculated as: 
    
             
   
      
   
  [
         
 
]     
   
                                                                                     
The amount of N2 entering into the system,    
           , is determined from the 
mass flow controller. Raoult’s law was used to predict the vapor pressure of the 
solution              .     
       is the molar concentration of CO2 in the gas phase 
in the circulating gas.  
4.2.5.1.  Characterization of the string of discs contactor 
The unknown hydrodynamics of both gas and liquid flow in the string of discs 
contactors are the major drawback of the set-up and it is necessary to establish the 
gas and liquid side mass transfer resistance of the column by conducting experiments.  
In a string of discs type apparatus, the gas phase mass transfer resistance can be 
calculated by an expression based on Stephen and Morris (Stephens and Morris, 
1951).  
   
   
           (
   
 
)
     
(
 
    
)
     
(
 
  
)                                                          
Here,         
             is the gas side mass transfer coefficient,       is the 
total pressure,          is the gas velocity,         
    is the molar density of the 
solute gas,      is the equivalent diameter of the gas flow,               
and           are the average gas viscosity and density respectively,      
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and        are the diffusivity and partial pressure of the solute gas respectively and 
              is the liquid wetting rate in the apparatus defined as: 
              
                                            
                          
                
 
The gas-side mass transfer coefficient, used in this work,  was taken from earlier 
work in the same apparatus (Ma'mun et al., 2007). They used absorption of SO2 into 
aqueous NaOH solution to measure the gas-side mass transfer resistance where the 
absorption of the solute was assumed to follow an instantaneous irreversible reaction 
with the reaction plane forming at the gas-liquid interface. The correlation developed 
by (Ma'mun et al., 2007) is given as: 
   
 
     (
   
 
)
    
(
 
  
)
    
                                                                                          
The gas film mass transfer coefficient         
              having same units as 
those for overall mass transfer coefficient,           
            , can be 
calculated as: 
        
             
      
   
               
                                                             
where                  is ideal gas law constant and       is the absolute 
temperature. 
 The liquid-side mass transfer coefficient, expressed as 
  
 
 
(
 
  
)
   
 as a function of 
modified Reynolds number  (
  
 
)  , shows strong dependence on liquid flow rate  
(Ma'mun et al., 2007). The results of (Ma'mun et al., 2007) agreed very well with 
earlier works and they proposed a correlation, based on the interpretation of  original 
correlation by (Stephens and Morris, 1951) given as:  
  
 
  
      (
  
 
)
   
(
 
  
)
    
                                                                                              
The gas side and liquid side mass transfer coefficients, as mentioned earlier, used in 
this work were calculated by Equations 4.13-4.15 proposed by (Ma'mun et al., 
2007) . 
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4.2.5.2. Calculation of the gas side overall mass transfer coefficient 
The overall mass transfer coefficient based on gas side,           
            , 
as mentioned in Equations 3.59-3.61can be calculated for the whole string of discs 
by: 
          
             
    
        
                                                                            
The CO2 flux,          
       , can be calculated by use of Equations 4.8-4.9 as: 
          
        
    
                 
        
                                                                   
The log mean pressure difference,             , is used to replace the local driving 
force for absorption (          ) by the average logarithmic driving force over the 
whole string of discs since the pressure is not uniform throughout the column. 
             can be calculated as: 
              
(    
        
  )  (    
         
   )
  
(    
        
  )
(    
         
   )
                                                     
Here      
        and      
          are the equilibrium pressures of CO2 over the 
liquid at the SDC contactor inlet and outlet. These can be considered to be zero 
because when the solution enters the column; it is either unloaded, in case of 
hydroxides, or with no CO2 giving off in gas phase, in case of carbonates, and the 
degree of absorption of CO2 in the column is very small. It should be noted that 
since the gas flow rate in the SDC is large compared to the flow of CO2 through the 
system, the difference between     
           
    is very small and the driving force 
can be equally well calculated by the arithmetic mean      
       
       . The overall 
mass transfer coefficient,           
            ,  can be used for the evaluation 
of both concentration based and activity based rate constants by use of Equations 
(3.66-3.67) and Equations (3.74-3.75) respectively.   
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Density and N2O solubility of 
aqueous Hydroxide and Carbonate 
Solutions in the temperature range 
from 25 to 80°C 
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Department of Chemical Engineering, Norwegian University of Science and Technology, N-
7491 Trondheim, Norway 
 
ABSTRACT 
 
The solubility of N2O in aqueous solutions of hydroxides containing Li
+, Na+ and K+ counter 
ions and the hydroxide blends with carbonates were measured for a range of temperatures 
(25-80°C) and concentrations (0.08-3M). To evaluate the solubility experiments in terms of 
apparent Henry’s law constant [kPa.m3.kmol-1], the accurate liquid densities of these systems 
were measured by an Anton Paar Stabinger Density meter DMA 4500. The measured 
densities were compared with Laliberté and Cooper’s density model (Laliberte and Cooper, 
2004) with less than 0.3% AARD (Average Absolute Relative Deviation). By using the 
experimental data for N2O solubility, the parameters in the model of Weisenberger and 
Schumpe (Weisenberger and Schumpe, 1996) were refitted for aforementioned systems. The 
ion specific and temperature dependent parameters for these systems in the original model, 
valid up to 40°C and 2M concentration, were refitted to extend the validity range of the 
model up to 3M and 80°C with 4.3% AARD.  
 
                                                          
* Corresponding Author: Hanna.Knuutila@ntnu.no 
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1. Introduction 
CO2 absorption into aqueous hydroxide and carbonate solutions of alkali metals, in particular 
lithium, sodium and potassium, has been widely studied and used for several applications 
since the early 20th century [(Hitchcock, 1937); (Welge, 1940); (Kohl and Nielsen, 1997)]. 
During the last two decades, due to increased environmental concerns and stringent 
conditions for CO2 emissions from power plants, energy intensive regeneration of amine 
based CO2 capture absorbents, environmental issues arising from thermal degradation of 
amines (Rochelle, 2012a) and other socio-economic factors, these systems have regained 
attention [(Cullinane and Rochelle, 2004); (Corti, 2004); (Knuutila et al., 2009); (Mumford et 
al., 2011); (Anderson et al., 2013); (Smith et al., 2013)].  
One of the most important issues in evaluating an absorbent is to determine the kinetic 
parameters which are typically derived from the mass transfer experiments. To evaluate the 
kinetics from mass transfer experiments, data on physical diffusivity and solubility of CO2 in 
the absorbents are required.  Since CO2 reacts in most of the absorbents, including hydroxide 
and carbonate systems, it is not possible to measure the physical solubility independently 
using CO2. Hence it is suggested that the N2O analogy can be employed to estimate the above 
mentioned physicochemical properties [(Versteeg and Van Swaaij, 1988); (Xu et al., 2013)]. 
N2O can be used to estimate the properties of CO2 as it has similarities in configuration, 
molecular volume and electronic structure and is a nonreactive gas under the normally 
prevailing reaction conditions.  
The N2O analogy was originally proposed by (Clarke, 1964), verified by (Laddha et al., 1981) 
and is being widely used by many researchers [(Haimour and Sandall, 1984); (Versteeg and 
Van Swaaij, 1988); (Al-Ghawas et al., 1989); (Hartono et al., 2008); (Knuutila et al., 2010b)].  
Applying this analogy, the physical solubility of CO2 in terms of an apparent Henry’s law 
constant,          
         , can be calculated based on the solubility of CO2 and N2O 
into water and the solubility of N2O in the system of interest, by the equation: 
          
               (
     
     
)                                                                                          
Here    represents the solubility of N2O in the system of interest in terms of an apparent 
Henry’s law constant,      and 
 
   are the Henry’s law constants for N2O and CO2 in 
water respectively. The term apparent Henry’s law constant, as defined by Equation 11,  
refers to the physical solubility of a gas in the absorption systems (water, aqueous solutions 
of hydroxides and/or carbonates in this work). 
It has been affirmed by several authors that the N2O solubility in aqueous solutions exhibits 
an exponential dependency on the absorbent concentration in aqueous systems (carbonates 
and/or hydroxides in this work) [(Joosten and Danckwerts, 1972); (Hikita et al., 1974); 
(Knuutila et al., 2010b)]. The same behavior was assumed in the model of Weisenberger and 
Schumpe [(Schumpe, 1993); (Weisenberger and Schumpe, 1996)].  
The model of Weisenberger and Schumpe (Weisenberger and Schumpe, 1996) is widely used 
to predict the solubility of gases into electrolyte solutions [(Rischbieter et al., 2000); (Vas 
Bhat et al., 2000) (Kumar et al., 2001); (Dindore et al., 2005); (Rachinskiy et al., 2014)]. The 
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model is very general and based on a large set of data. It describes the salting-out effect of 24 
cations and 26 anions on the solubility of 22 gases. However, the model is reported to be 
valid only up to 40°C and up to electrolyte concentrations of about 2 kmol.m-3. The model is 
based on an empirical model by Sechenov (Sechenov, 1889) who modelled the solubility of 
sparingly soluble gases into aqueous salt solutions with the equation 
   
   
  
                                                                                                                                            
Here           
    and           
    are the gas solubilities in water and in salt solution 
respectively,            
    is the salt concentration and              is the Sechenov 
constant. Schumpe (Schumpe, 1993) modified this model and in the model of Weisenberger 
and Schumpe (Weisenberger and Schumpe, 1996) the solubility was calculated from the 
equations  
   
   
  
     ∑         
 
 
                                                                                                                 
 
    
                                                                                                                    
In these equations     
          is an ion-specific parameter,      
          is a gas 
specific parameter,          
    is the ion concentration and       
               is a 
gas specific parameter for the temperature effect.  
Knuutila et al., 2010 (Knuutila et al., 2010b) updated       for N2O and       for potassium and 
sodium in the model of Weisenberger and Schumpe (Weisenberger and Schumpe, 1996) 
using experimental data for carbonates of sodium and potassium from 25 to 80○C. 
For the evaluation of hydroxides and carbonates as candidates for a CO2 capture system, 
kinetic data are needed for a wide range of concentrations and for temperatures above 40○C. 
This is lacking in the literature. As previously mentioned, the N2O solubility is essential for 
evaluation of mass transfer data into kinetic constants and hence, experiments were 
conducted to obtain solubility of N2O into these systems; containing Li
+, Na+ and K+ counter 
ions for a wider range of concentrations and temperatures. Densities required for evaluation 
of experimental data were also measured.  
2. Experimental section 
2.1. Materials 
Details on purity and supplier for all chemicals used are provided in Table 1. The purity of 
KOH as provided by the chemical batch analysis report from MERCK was relatively low. Thus 
it was determined analytically by titration against 0.1N HCl and was found to be 88 wt.%; the 
rest being water. All other chemicals were used as provided by manufacturer without further 
purification or correction. 
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Table 1. Details of chemicals used in experimental work 
Name of Chemical Purity Supplier 
LiOH Powder, reagent grade, > 98% SIGMA-ALDRICH 
NaOH > 99 wt.%, Na2CO3 < 0.9% as impurity VWR 
KOH *88 wt.% MERCK 
Na2CO3 > 99.9 wt.% VWR 
K2CO3 >   99 wt.% SIGMA-ALDRICH 
CO2  gas  ≥ 99.999 mol% YARA-PRAXAIR 
N2O gas 
N2 gas  
≥ 99.999 mol% 
≥ 99.6 mol% 
YARA-PRAXAIR 
YARA-PRAXAIR 
* The purity is based on the titration results against 0.1M HCl. Since the purity was relatively low, all experimental data of KOH is presented after 
correction for purity.   
2.2. Density 
Accurate density measurements are required for the calculations of the N2O solubility. The 
densities of the aqueous carbonate and hydroxide solutions were measured by an Anton 
Paar Stabinger Density meter DMA 4500 for the temperature range 25 to 80°C. The nominal 
repeatability of the density meter, as described by the manufacturer, was 1×10-5 g.cm-3 and 
0.01°C with a measuring range from 0 to 3 g.cm-3. The repeatability of the density meter 
established by experimental data obtained for water was 6×10-4 g.cm-3.  The reported 
experimental repeatability is based on average standard deviations of 60 density data points 
for water at six different temperatures as shown in Table A1. 
The solutions were prepared at room temperature on molar basis by dissolving known 
weights of chemicals in deionized water and total weight of deionized water required to 
make a particular solution was also noted. Thereby the weight fractions of all chemicals and 
water for all molar solutions were always known. A sample of 10±0.1 mL was placed in a test 
tube, and put into the heating magazine with a cap on. The temperature in the magazine was 
controlled by the Xsampler 452 H heating attachment. For each temperature and solution 
the density was calculated as an average value of two parallel measurements. The density 
meter was compared with water in the temperature range from 25 to 80°C before start and 
after the end of every set of experiments. Density results from the apparatus were verified 
against the density of water data given in Table A1. The experimental results for water 
densities show 0.053% AARD (average absolute relative deviation) from the water density 
model given by (Wagner and Pruß, 2002). The standard deviation and %AARD were 
calculated by the equations: 
                           √
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2.3. N2O solubility 
The physical solubility of N2O into deionized water and aqueous solutions of hydroxides and 
carbonates was measured using the apparatus shown in Figure 1. The solubility apparatus 
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was a modified and automated version of the solubility apparatus previously described by 
[(Hartono et al., 2008); (Knuutila et al., 2010b) and (Aronu et al., 2012)]. The apparatus 
consists of a stirred, jacketed reactor (Büchi Glass reactor 1L, up to 200°C and 6 bara) and a 
stainless steel gas holding vessel (Swagelok SS-316L cylinder 1L). The exact volumes of 
reactor, VR and gas holding vessel, Vv, calculated after calibration, were 1069 cm
3 and 1035 
cm3 respectively.  
A known mass of absorbent (water, aqueous solutions of hydroxides and/or carbonates in 
this work)   was transferred into the reactor. The system was degassed at room temperature 
(25°C) once under vacuum by opening (about for one minute) a vacuum valve at the top of 
reactor until a vacuum around 4±0.5 kPa was obtained in the reactor. To minimize solvent 
loss during degassing a condenser at the reactor outlet was installed. The temperature of the 
condenser was maintained at 4°C (corresponding to a water saturation pressure of 0.8 kPa) 
with the help of a Huber Ministat 230-CC water cooling system.  
After degassing, the reactor was heated to desired temperatures, ranging from 25 to 80°C for 
all experiments except set 2 of water which ranged from 25-120°C. The equilibrium pressure 
profiles before addition of N2O were obtained for aforementioned temperature range 
starting from 25°C.  The reactor temperature was controlled by a Julabo-F6 with heating 
silicon oil circulating through the jacketed glass reactor and a heating tape at the top of the 
reactor. N2O gas was added at the highest operating temperature (80°C or 120°C in this 
work), by shortly opening the valve between the N2O steel gas holding vessel and the reactor. 
The initial and final temperatures and pressures in the N2O gas holding vessel were recorded. 
After the addition of N2O, starting with the highest temperature (80°C or 120°C), equilibrium 
was established sequentially once again at all the same temperatures for which equilibrium 
pressures without N2O were obtained previously. The pressures in the gas holding vessel and 
reactor were recorded by pressure transducers PTX5072 with range 0-6 bar absolute and 
accuracy 0.04% of full range. Gas and liquid phase temperatures were recorded by PT-100 
thermocouples with an uncertainty ±0.05°C. All data were acquired using FieldPoint and 
LabVIEW data acquisition systems. The precision of the modified experimental method was 
within 2% in the Henrys law constant as shown by the results in Table A4 for 3 experimental 
sets for water and for 2 sets of identical solutions of 2.5M LiOH. For the previous version of 
the solubility apparatus the precision was reported to be within 3% (Hartono et al., 2008).  
It was possible to operate the setup in both manual and automated mode. The only 
difference in manual and automated mode was the selection of temperature set-points. In 
manual mode, the temperature set points were selected manually after achieving 
equilibrium at each temperature. The equilibrium in the reactor at a particular temperature 
was established after 3 to 4 hours when   ,     and   ; representing pressure in the reactor 
and  temperatures of liquid and gas phases in reactor respectively, were stable and 
difference in    and    was not more than ±0.5°C.  
In the automated mode the temperature set-points (25-80°C) were selected after degassing 
and the system was allowed to achieve equilibrium at each set-point. The establishment of 
equilibrium was determined automatically by certain criteria of variance in temperatures and 
pressures. The equilibrium criteria are given as: 
                                                                                  
The above mentioned criteria state that equilibrium would be considered to be established 
when the temperature difference in the reactor between gas and liquid phase was less than 
0.1°C, the variance in liquid phase temperature was less than 0.015°C, the variance of gas 
phase temperature was less than 0.025°C and the variance in reactor pressure was less than 
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0.5 kPa during an interval of half an hour. The criterion for the gas temperature variance was 
kept less strict than that for the liquid phase because it was more difficult to achieve 
temperature stability in the gas phase as compared to the liquid phase. For automated mode, 
equilibrium in the reactor at a particular temperature was usually attained in 2 to 3 hours, 
but for some experiments with LiOH, it took up to six hours to meet the above mentioned 
criteria of temperature and pressure variance.  
 
 
 
 
 
 
 
 
 
 
 
Figure 1. The experimental set-up for N2O solubility experiments 
 
The equilibrium partial pressure of N2O,          , in the reactor at any temperature was 
taken as the difference between the total equilibrium pressure in the reactor before and 
after addition of N2O at a particular temperature. 
                                                                                                                     
The use of Equation (7) assumes that the addition of N2O does not change the vapor liquid 
equilibria of the absorbents (water or aqueous solutions of hydroxides and/or carbonates in 
this work). When the total volume of the reactor     
  , the amount of liquid in the reactor 
       and the density of liquid        
    are known, the amount of N2O in the gas phase 
can be calculated by  
    
         
     
         
    
                                                                                                                           
Here                  is the ideal gas constant,        is the reactor temperature 
(             ) and      is the compressibility factor for N2O at equilibrium 
temperature and pressure. The compressibility factor was calculated using the Peng–
Robinson equation of state using critical pressure of 7280 kPa, critical temperature of 309.57 
K and acentric factor of 0.143 (Green and Perry, 2007).  
As the densities of the N2O containing solutions were not measured, the liquid density used 
in Equation (8) is the density of the liquid without N2O. The solubility of N2O into the 
solutions is small (from 0.3 to 2.2 kg N2O.m
-3 over the range of our experiments). The density 
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variation in the experiments was from 940 kg.m-3 to 1144 kg.m-3. This means that wt.% of 
N2O in the solutions ranged from 0.03% to 0.19%. Assuming that the added N2O only 
influences the weight and not the volume a sensitivity analysis showed that the effect of this 
increase results in an increase in the calculated value of the apparent Henry’s law constant by 
0.02% to 1.2% respectively and is considered part of the experimental uncertainty.   
The total amount of N2O added to the reactor can be calculated by the pressure and 
temperature difference in the gas vessel before and after adding N2O to the reactor.  
     
            
  
  
(
   
     
 
   
     
)                                                                                                          
Here     
  ,         and       are  the volume, pressure and temperature of the gas 
holding vessel respectively,      is the compressibility factor for N2O and  
                  is the universal gas constant. Subscripts “1” and “2” denote the 
parameters before and after the transfer of N2O to the reactor. The amount of N2O absorbed 
into the liquid phase of the reactor can be calculated as the difference between N2O added to 
the reactor and N2O present in the gas phase and the concentration of N2O in the liquid 
phase,      
           , can then be calculated by 
     
            
    
          
 
          
                                                                                                   
The N2O solubility into the solution can be expressed by an apparent Henry’s law constant 
defined as:  
          
           
    
     
                                                                                                          
Here     is the apparent Henry’s law constant for absorption of N2O into the absorbent; 
          is the partial pressure of N2O present in the gas phase and     
            is 
the amount [kmol] of N2O present per unit volume [m
3] of absorbent (water or aqueous 
solutions of hydroxides and/or carbonates). 
3. Results 
3.1. Density 
Densities of hydroxides (LiOH, NaOH, KOH) and blends of hydroxides with carbonates 
(Na2CO3 and K2CO3) measured in this work are presented in Table A2 and Table A3 
respectively.   
The experimental results for hydroxide solutions densities were compared with literature 
data [(Randall and Scalione, 1927); (Lanman and Mair, 1934); (Hitchcock and McIlhenny, 
1935); (Akerlof and Kegeles, 1939); (Tham et al., 1967); (Hershey et al., 1984); (Roux et al., 
1984a); (Sipos et al., 2000)]. The agreement with literature data was very good (0.08 % 
average difference) for all hydroxides. No literature data could be found for blends of 
hydroxides and carbonates.  
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Figure 2. Density of LiOH, NaOH and KOH as a function of concentration at 25°C and 80°C; Points: 
Experimental data this work, Triangles (Δ): 25°C, Circles (○): 80°C, Lines: Laliberté and Cooper’s 
Density Model. Turquoise: Water, Blue: LiOH, Red: NaOH, Green: KOH. 
The experimental density data for water, hydroxides and blends obtained in this work along 
with density data for Na2CO3 and K2CO3 from Knuutila et al., 2010 (Knuutila et al., 2010b) 
were also compared with Laliberté and Cooper’s density model (Laliberte and Cooper, 2004) 
which is based on literature density data. The Laliberté and Cooper density model, with 
validated parameters for 59 electrolytes, was established on the basis of an extensive and 
critical review of the published literature for solutions of single electrolytes in water with 
over 10 700 points included (Laliberte and Cooper, 2004). The Laliberté and Cooper density 
model predicts the density of a solution based on calculation of the specific apparent volume, 
        
       ,  of dissolved solutes (LiOH, NaOH, KOH, Na2CO3 and K2CO3) and solvent 
(water) in solution.  The apparent specific volumes were calculated by empirical coefficients 
suggested by the density model and the mass fraction of a solute in solution. The empirical 
coefficients for all solutes were obtained by fitting an apparent volume curve to experimental 
density data available in the literature from late 1800s and including all the above mentioned 
references.  The statistical details of a comparison between this model and experimental 
density data for carbonates from (Knuutila et al., 2010b) in addition to all measured data in 
this study are provided in Table 2.  
Figure 2 shows the density of the hydroxides studied in this work as function of 
concentration at 25°C and 80°C which brackets the entire concentration and temperature 
ranges of experimental data. It can be observed that Laliberté and Cooper’s density model 
predicts the experimental data with less than 0.3% AARD. The largest deviations are 
observed for the lowest concentration of NaOH at 25°C and highest concentration of KOH at 
80°C where the model under-predicts the experimental data by 0.47% and 0.55% 
respectively. It can also be seen that at zero concentration, the densities of all the three 
hydroxides reduce to the density of water as shown by the turquoise filled points on the y-
axis.  
960
980
1000
1020
1040
1060
1080
0 2 4 6 8 10
D
e
n
si
ty
 [
kg
.m
-3
] 
Concentration [weight %] 
Chapter 5  Paper I 
71 
 
 
Figure 3. Density of water and blends of hydroxides and carbonates as a function of temperature 
from 25 to 80°C. Points (◊, □, ○): experimental data, Lines: Laliberte and Cooper’s Density Model, 
Turquoise: Water; Blue: 0.52M NaOH+0.46M KOH, Green: 1.03M NaOH and 0.46M KOH, Red: 1M 
NaOH+0.5M Na2CO3, Purple: 1M LiOH+2M NaOH. 
The experimental density data for water and blends of hydroxides and carbonates are given 
in Figure 3. It can be observed that the Laliberté and Cooper density model (Laliberte and 
Cooper, 2004) predicts the experimental data with less than 0.3% AARD. The largest 
deviations are observed at 80 °C where the model deviates from the experimental data by up 
to ±0.5%.  
Table 2: Statistics of density data comparison with Laliberté and Cooper’s Density Model  
Solution Temperature 
range [°C] 
Concentration 
range [wt.%] 
No. of 
data 
points 
%AARD Reference 
Water 25 - 80 - 60 0. 054 This work 
LiOH 25 - 80 0.024 - 4.58 39 0.138 This work 
NaOH 25 - 80 0.02 – 7.42 40 0.176 This work 
KOH 25 - 80 0.25 – 9.12 33 0.264 This work 
*Na2CO3 25 - 80 5 - 30 26 0.136 (Knuutila et al., 2010b) 
*K2CO3 25 - 80 5 - 50 42 0.269 (Knuutila et al., 2010b) 
Blends 25 - 80 1 - 10 42 0.226 This work 
* Since the blends contained carbonates, data also for pure carbonates were used to validate the 
empirical coefficients 
A plot of deviations between experimental and predicted densities (model of Laliberté and 
Cooper) is given in Figure 4, and demonstrates that the experimental density data and model 
agree well (maximum ±6 kg/m3 difference) for all data sets. As shown in Table 2, the density 
model predicts the experimental data with less than 0.269% AARD. The lowest value of AARD 
is for the water density data (0.054%) while the AARD when comparing our water density 
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data with Wagner’s water density model (Wagner and Pruß, 2002) is 0.053% as presented by 
Table A2. Figure 4 does, however, indicate that the Laliberté and Cooper density model 
slightly under-predicts KOH solution densities. It also gives larger scatter in the data for 
blends. 
 
 
Figure 4. Plot of deviation between experimental data and prediction by Laliberté and Cooper’s 
density model. Turquoise; Water, Blue: LiOH, Red: NaOH, Green: KOH. Diamonds (⧫): water, 
Triangles (Δ): blends, Squares (□): hydroxides 
3.2. Solubility method validation and reproducibility 
To validate the methods used and to produce more data for the high temperature region, 
three repeated data sets in this study (set-1, set-2 and set- 3) were obtained for N2O 
solubility in water. These data were also needed for calculations based on the model of 
Weisenberger and Schumpe (Weisenberger and Schumpe, 1996). The three data sets were 
spaced out in time; the first two sets were measured in the manually operated set-up and 
the third was measured after automation of the experimental set-up and for checking 
reproducibility. The results are shown in Table A4 and Figure 5.  
Figure 5 presents the N2O solubility in water in terms of an apparent Henry’s law constant 
and comprises both data obtained in this work and found in the literature [(Knuutila et al., 
2010b); (Hartono et al., 2008); (Mandal et al., 2005); (Jamal, 2002)  (Li and Lee, 1996); (Li and 
Lai, 1995); (Al-Ghawas et al., 1989); (Versteeg and Van Swaaij, 1988); (Haimour and Sandall, 
1984)]. In addition, the model developed by Jou (Jou et al., 1992) is included. 
 For consistency and coherence with literature, the correlation presented by Jou  (Jou et al., 
1992) was used. The water density correlation from (Wagner and Pruß, 2002) was 
incorporated to convert the units of  Henry’s law constant from pressure (based on mole 
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fraction of gas in absorbent) to  often used kPa.m3.kmol-1 (based on molar concentration of 
gas in absorbent).  The correlation was used in the N2O solubility model from Weisenberger 
and Schumpel (Weisenberger and Schumpe, 1996). The correlation by Jou (Jou et al., 1992) 
for the Henry’s law constant [MPa], after conversion of units is given as: 
    
                     
        [                   
       
             ]
                           
                                
 
 
Figure 5. Henry’s law constant for absorption of N2O into water. Stippled line: Jou’s correlation 
(Jou et al., 1992), Points: experimental data, Open points (-, +): literature data, Closed points (◊, Δ, 
○): this study. 
The reproducibility between the three data sets for water was good with standard deviations 
from 0.5-1.4% as seen in Table A4.  The maximum deviation between our water solubility 
data and Jou’s correlation, Equation (12), is 8.9% with an AARD of 2.2% for all data. We see 
that the largest deviations are found for the higher temperatures (8.9% at 100 °C and 7.4% at 
120 °C) where also the scatter in data is high. When using only set-3 of the water 
experiments, which only goes up to 80oC, the AARD is only 0.76%  compared to Jou’s 
correlation (Jou et al., 1992)  
For the hydroxides, most experimental repeats were performed for lithium hydroxide 
because of its very low solubility in water. The solubility of LiOH, as reported in (Shimonishi et 
al., 2011)  is 5M or about 12 wt.% at room temperature. It was difficult to get clear solutions 
and experiments were repeated twice for improved accuracy. Here it is important to state 
that all solutions were prepared on molar basis but exact weight percentages of solutions 
were also noted. To account for the human error involved in solution making of lithium 
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hydroxide, a 2.5M LiOH solution was prepared and continuously stirred for 72 hours to get a 
clear solution. The same solution was used to perform two parallel sets of experiments and 
nearly identical results were obtained for set 1 and set 2. The results for water and 2.5M 
LiOH with identical solution are shown in Table A4. The second last column of Table A4 shows 
the standard deviation [kPa.m3.kmol-1] and last column presents %SD with respect to the 
average for 2 or 3 repeated sets. The statistics presented in Table A4 demonstrate very good 
reproducibility in the experimental method. However, as seen in Table A4, the reproducibility 
for 2.5M LiOH is better (0.4% average standard deviation) than for water (0.9% average 
standard deviation). The reason is that both sets of experiments for lithium hydroxide were 
performed after automation of the apparatus, whereas set-1 and set-2 of the water 
experiments were performed before, and only set-3 after, automation. One of the 
experiments for the blends of carbonates was also repeated to test the reproducibility. The 
overall average standard deviation for all repeated data for LiOH and the blends was found as 
0.96% with a maximum of 2.7% for 1M LiOH at 80°C. Once again it is worth mentioning that 
one of the repeated experiments for 1M LiOH was performed manually and the other after 
automation. The results for repeated sets of LiOH, except for 2.5M LiOH and one of blends, 
as shown in Table A5 and Table A6, are not presented in Table A4  because of the fact that 
the solutions for repeated runs were not of exactly the same concentration. 
3.3. N2O solubility into hydroxides and blends of hydroxides with 
carbonates 
Experimental results for N2O solubility into hydroxides and blends are presented in Table A5 
and Table A6 respectively.  The results for hydroxides are graphically illustrated by Figure 6 
and Figure 7. Figure 6 presents the apparent Henry’s law constant [kPa.m3.mol-1] for 
absorption of N2O into aqueous solutions of lithium hydroxide as a function of temperature 
for the concentration range (0.1M-2.5M) and temperature range (25-80°C).  
As shown by Figure 6, the difference in results for repeated sets of experiments is negligible 
at lower temperatures, but at 80°C the differences for 0.5M, 1M and 2M LiOH are slightly 
higher. Even though the results for 1M and 2M LiOH show higher differences in repeated 
sets, these differences are still within the overall experimental uncertainties estimated by 
error propagation from the various readings, as indicated by ±6% error bars on these data 
sets.  It is also worth mentioning that uncertainties in the evaluation of experimental results 
are higher at higher temperatures due to the low solubility of N2O in liquid phase.  Slightly 
different wt. fractions of LiOH and water obtained during solution preparation (since 
solutions were prepared on molar basis) for the repeated sets, as shown in Table A5 can be 
another reason for differences seen. As previously mentioned, the results for two repeated 
experiments on identical solutions of 2.5M LiOH by the automated experimental set-up 
demonstrate very good repeatability. 
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Figure 6. Henrys’ law constant for absorption of N2O into aqueous solutions of lithium hydroxide 
as function of temperature for concentration range (0.1M-2.5M). Points: experimental data with 
±6% error bars, Circles (○): First sets of experiments, Triangles (∆): Repeated sets of experiments, 
Purple: 2.5M LiOH, Blue: 2M LiOH, Green: 1M LiOH, Turquoise: 0.5M LiOH, Red: 0.1M LiOH, Lines: 
Weisenberger and Schumpe’s model with refitted        ,            and    parameters. 
 
Figure 7. Apparent Henry’s law constants for N2O into aqueous solutions of sodium hydroxide and 
potassium hydroxide as function of temperature for the concentration range (0.08M-2M). Points: 
experimental data, Triangles (∆): NaOH, Circles (○): KOH, Blue: 2M NaOH and 1.76M KOH, Green: 
1M NaOH and 0.88M KOH, Turquoise: 0.5M NaOH and 0.44M KOH, Red: 0.1 M NaOH and 0.09M 
KOH, Lines: Weisenberger and Schumpe’s model with refitted        ,            and    parameters, 
Dotted Lines: NaOH solutions, Dashed Lines: KOH solutions. 
Figure 7 presents the apparent Henry’s law constants for N2O into aqueous solutions of 
sodium and potassium hydroxide as function of temperature for the concentration range 
(0.08M-2M) and temperature range (25-80°C). As mentioned earlier, initially all solutions 
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were prepared on molar basis but with noted weights also. All KOH results are presented 
after correcting KOH for measured purity. As shown by Figure 7, the values of apparent 
Henry’s law constant are higher for NaOH solutions (shown by ∆) than those for KOH 
solutions (shown by ○) for comparable molar concentrations.  Comparing the results for the 
same concentrations of all hydroxides, LiOH, NaOH and KOH, one finds that the values of the 
apparent Henry’s law constant vary as follows: 
                                               
                                                  
The difference increases with increasing temperature and concentration. The same trend has 
been reported in the literature (Knuutila et al., 2010b) for Na+ and K+ as cations. The 
difference in N2O solubility in 0.1M NaOH, 0.08M KOH and 0.1M LiOH solutions is almost 
negligible at 25°C but significant at 80°C and also significant for all temperatures for 
concentrations greater than 1M. This trend can be clearly observed in Figure 10 where, for all 
hydroxides, the apparent Henry’s law constant is presented as function of molar 
concentration [mol.L-1] at different temperatures. 
 
Figure 8. Apparent Henry’s law constant for absorption of N2O into blends of aqueous hydroxides 
and carbonates with the same cation but different anions. Lines: Weisenberger and Schumpe’s 
model with refitted       ,          and    parameters, Points: experimental data, Purple Circles (○): 
0.51MNaOH+1M Na2CO3, Red Circles (○): 1MNaOH+0.5MNa2CO3, Red Triangles (∆):  Repeated 
1MNaOH+0.5MNa2CO3, Green Circles (○): 0.89MKOH+0.5MK2CO3. 
The results for the apparent Henry’s law constant for N2O in blends of hydroxides and 
carbonates are graphically illustrated in Figure 8 and Figure 9. Figure 8 presents blends of 
hydroxides and carbonates with the same cation (Na+ or K+), while Figure 9 shows blends 
with different cations in hydroxide and carbonate. It has been observed that carbonates, 
compared to hydroxides, exhibit higher values of apparent Henry’s law constant for the same 
total cation concentration It has also been found that Na+ , compared to K+ and Li+, shows the 
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highest value for the apparent Henry’s law constant at the same molar concentration. 
Further discussions on blends is given after the modeling results 
 
 
Figure 9. Apparent Henry’s law constant for absorption of N2O into blends of aqueous hydroxides 
and carbonates with different cations. Lines: Weisenberger and Schumpe’s model with refitted 
      ,            and    parameters, Points: experimental data with ±10% error bars, Squares (□): 
blends of hydroxides, Circles (○): blends of hydroxides and carbonates, Purple: 
1MLiOH+2MNaOH, Turquoise: 0.89MKOH+0.5MNa2CO3, Red: 1MNaOH+0.46MKOH, Green: 
0.52MNaOH+0.45MKOH. 
3.4. Henry’s law constant for infinite dilution of hydroxides  
At a particular temperature, when plotting the experimental data for the apparent Henry’s 
law constant as a function of concentration of the absorbents (hydroxides in this work), the 
curves should end at the N2O solubility in water when extrapolated back to zero 
concentration. Figure 10 presents apparent Henry’s law constants for N2O absorption into 
the aqueous hydroxides of Li+, Na+ and K+ cations as function of molarity for the 
temperatures; 25°C, 40°C, 50°C, 60°C and 80°C.  Apparent Henry’s law constant isotherms 
(constant temperature lines) for the above mentioned temperatures can be obtained as 2nd 
order polynomials fitted to the experimental data for H vs. molarity as: 
                                                                                                                               
Here           is the molar concentration of the hydroxides and                 is the 
y-intercept which represents the value of the apparent Henry’s law constant for infinite 
dilution of hydroxides, i.e. for zero hydroxide concentration.  
As the solubility of N2O in all the studied solutions is very low, see section 2.3, the Henry’s 
law constants obtained can be considered as for infinite dilution in N2O. Details and statistics 
of the apparent Henrys’ law constant for infinite dilution of hydroxides, 
    
                deduced from the experimental data are provided in Table 3. Both 
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experimental data and Weisenberger and Schumpe’s model (Weisenberger and Schumpe, 
1996) with refitted        ,         and    parameters reduce to the apparent Henry’s law 
constant for infinite dilution of hydroxides,     
               , when extrapolated to 
zero concentration of hydroxides.  
Figure 10. Apparent Henry’s law constant for absorption of N2O into aqueous solutions of 
hydroxides. Lines: 2nd order polynomials fitted to experimental data and Weisenberger and 
Schumpe’s model with refitted        ,         and    parameters and extended back to zero value 
of concentration to get infinite dilution Henry’s law constant     
  , Points: experimental data, 
Blue: Li+ cation, Red: Na+ cation, Green: K+ cation, Cross (×): 25°C, Circles(○): 40°C, Triangles (∆): 
50°C, Diamonds (◊): 60°C;  Squares (□): 80°C.  
 
Table 3:  Apparent Henry’s law constant for infinite dilution of hydroxides Li+, Na+ and K+ 
cations from 25-80°C 
T 
(°C) 
 
     
                  
as obtained from Figure 10 
 
    
             
          
 
Comparison of average 
    
   with    
       from 
Experiments and Jou’s 
correlation  
 LiOH NaOH KOH Avg. 
of 
hydro-
xides 
SD for 
hydro
-xides 
Exp. Jou's 
corre-
lation 
Avg. of 
hydroxides
, water and 
Jou’s 
correlation 
SD for 
hydroxides, 
water and 
Jou’s 
correlation 
25 4.0353 4.0332 4.0209 4.0298 0.008 4.093 4.0135 4.0455 0.04 
40 5.9366 5.9363 5.9251 5.9327 0.007 5.911 5.9069 5.9168 0.01 
50 7.2963 7.2937 7.406 7.332 0.064 7.227 7.2617 7.2736 0.05 
60 8.6693 8.6647 8.6476 8.6605 0.011 8.569 8.6305 8.6202 0.05 
80 11.282 11.279 11.255 11.272 0.015 11.31 11.2376 11.2723 0.03 
Average  0.021    0.04 
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As presented in Table 3, the apparent Henry’s law constant for infinite dilution of hydroxides,  
obtained from LiOH, NaOH and KOH data shows an average standard deviation of 0.021 
[kPa.m3.mol-1] from the average value. This is within the average standard deviation of 
    
                from experimental values of    
                    and values of 
    
                    obtained from Jou’s correlation (Jou et al., 1992), found as 0.04 
[kPa.m3.mol-1]. The good agreement with solubilities in water when extrapolating to zero 
concentration of hydroxides, and the fact that the three cations give the same values, well 
within experimental uncertainty, is gratifying and also shows that the data obtained 
constitute a consistent data set. 
3.5. Modeling and Parameter Fitting  
The experimental data obtained in this study, together with the literature data referred in 
Table 5, were used for parameter fitting in the Weisenberger and Schumpe  model 
(Weisenberger and Schumpe, 1996).   First of all the data were compared with the original 
Weisenberger and Schumpe model.  
  
Figure 11. Parity plot showing a comparison between predictions by the original Weisenberger 
and Schumpe model and experimental data. Blue: Li+ cation, Red: Na+ cation, Green: K+ cation, 
Squares (□): hydroxides, Circles (○): carbonates, Triangles(Δ): blends. 
The parity plot presented as Figure 11 shows the model with the original parameters and it is 
observed to give very good representation of data at lower temperatures, up to 40°C, but it 
under-predicts the apparent Henry’s law constants at temperatures higher than 40°C. It has 
also been observed and reported by (Knuutila et al., 2010b)that the gas-specific parameter 
for temperature effect,    , given by (Weisenberger and Schumpe, 1996) is far too low and is 
the cause of the under-estimation of the Henry’s law constants at the higher temperatures.  
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The reason for the under-prediction at higher temperatures is that the parameter    in the 
original model, which describes the temperature effect on gas solubility, is valid only up to 
40°C whereas the experimental data go up to 80°C. Another weak point of the original model 
parameters, as also described by the authors, is the concentration limitation of 2 kmol.m-3. 
The presented experimental data for hydroxides, carbonates and blends used for parameter 
fitting in this work go up to 3 kmol.m-3. 
In a first adjustment of the model, the parameter    was re-fitted to all the experimental 
data mentioned in Table 5 using a nonlinear model fitting program, MODFIT, previously used 
by several authors e.g., (Øyaas et al., 1995).  The objective function used for refitting of 
parameters was minimization of the Average Absolute Relative Deviation given as: 
            
 
 
∑
|  
      
     |
|  
   
|
 
   
                                                                                                   
The parity plot, comparing the model with the new    and the experimental data, is 
presented in Figure 12.  It can be observed that the model presented by Figure 12 represents 
the experimental data at higher temperatures much better than the original model. The 
original value of      suggested by (Weisenberger and Schumpe, 1996) was -4.79×10
-4 
[m3.kmol-1.K-1] while the value given by (Knuutila et al., 2010b) is -0.1809×10-4 [m3.kmol-1.K-1]. 
The    values suggested by both authors appear with negative sign and the higher negative 
value suggested by (Weisenberger and Schumpe, 1996) is the reason for the under-
predictions of the apparent Henry’s law constant by the model at temperatures above 40°C.  
The refitted value of     in the model presented by Figure 12  is +0.318×10
-4 [m3.kmol-1.K-1]. 
Although the model with refitted     parameter improves the predictions at temperatures 
higher than 40°C, especially for Na2CO3, it results in over-predictions for hydroxides 
(especially LiOH) and blends. Moreover K2CO3 is still under-predicted at higher temperatures.   
As a final approach, the results for K2CO3 and LiOH were improved by refitting      and  
      , together with      , in the model. The gas specific parameter      for the N2O 
solubility and other ion specific parameters were not changed because nothing was gained by 
refitting them. Figure 13 gives the parity plot for the model with refitted     ,         and      
parameters.  As displayed by the red circles in Figure 13, the data points for 20 wt.% (2.23M) 
Na2CO3 at 70°C and 80°C are still not predicted well by the model. An attempt to fit these two 
data points, either by refitting     or        and         resulted in larger deviations for the 
rest of the data sets including Na2CO3 itself. Blends are slightly over-predicted (maximum up 
to 18%), but improving the fit for blends results in higher deviations for carbonates and 
hydroxides. One explanation to this could be related to the amount of data for single cation 
systems (KOH, NaOH, LiOH, K2CO3, Na2CO3) compared to blends. As seen from Table 5, total 
of 151 data points for single cation systems were fitted where as the number for the blends 
was 39. All the data points were given the same weight during the fitting, thus resulting in 
more overall weight for the single cation systems. It is not possible to conclude, based on this 
work, if the over-predictions for the blends are due to the simplicity of the Weisenberger and 
Schumpe model or the fitting procedure. 
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Figure 12. Parity plot for the Weisenberger and Schumpe’s model with refitted     parameter and 
experimental data. Blue: Li+ cation, Red: Na+ cation, Green: K+ cation, Squares (□): hydroxides, 
Circles (○): carbonates, Triangles(Δ):blends.  
 
Figure 13. Parity plot for the Weisenberger and Schumpe’s model with refitted       ,            and 
   parameters and experimental data. Blue: Li+ cation, Red: Na+ cation, Green: K+ cation, Squares 
(□): hydroxides, Circles (○): carbonates, Triangles(Δ):blends. 
The parameters used in the above mentioned three approaches are presented in Table 4.  
The second column of Table 4 gives the original Weisenberger and Schumpe’s model 
parameters (Weisenberger and Schumpe, 1996). The third column of Table 4 highlights the 
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refitted      parameter only and the last column presents the suggested model with 
refitted     ,         and     . The last column shows also the change in values of refitted 
parameters with respect to those originally proposed by Weisenberger and Schumpe 
(Weisenberger and Schumpe, 1996).  The new determined gas specific parameter for 
temperature effect   , indicates the stronger dependence of solubility on temperature.  
Table 4: The sets of parameters for Weisenberger and Schumpe’s model to estimate 
Henry’s Law constant for N2O solubility in aqueous solutions containing Li+, Na+, K+ cations 
and OH-, CO32- anions (equations 3-4) 
Parameters Original With  refitted    With refitted      ,      
   and    
       
           0.0754 0.0754 0.0618     (18 % decrease) 
      
          
         
 0.1143 0.1143 0.1143 
     
            
          
 0.0922 0.0922 0.0922 
      
                 0.0839 0.0839 0.0839 
    
             
         
 0.1423 0.1423 0.1582      (11 % increase) 
      
         
            
 - 0.0085 - 0.0085 -0.0085 
    
             
 
 ×10
4
  - 4.79
**
 +0.318 -0.7860    (84 % increase) 
**Experimental temperature range for the validation of original     parameter is 0-40°C  
Table 5: Statistics of parameter fitting in Weisenberger and Schumpe’s Model for N2O 
solubility in hydroxides, carbonates and blends of Li+, Na+ and K+ 
   % AARD (Average Absolute Relative Deviation) 
Data Set Temperature 
range (°C) 
Conc. range 
(wt.%) 
No. of 
data 
points 
With 
original 
param
eters 
With  
refitted 
   
With refitted 
     ,      
   
and    
Hydroxides (This work) 83 3.8 5.0 2.1 
LiOH 25 - 80 0.24 – 5.67 44 3.6 7.1 2.1 
NaOH 25 - 80 0.4 – 7.48 19 4.6 2.9 2.4 
KOH 25 - 80 0.5 – 8.18 20 3.6 2.4 1.8 
Carbonates (Knuutila et al., 2010b) 68 11.9 5.9 5.3 
Na2CO3 25 - 80 1- 20 43 11.1 5.0 5.3 
K2CO3 25 - 80 5 - 30 25 13.2 7.5 5.5 
Blends (This work) 25 - 80 1.99- 11.38 39 5.9 8.5 6.9 
Total   190 7.1 6.1 4.3 
 
The suggested set of parameters given by the last column of Table 4 is, in our view, close to 
an optimal solution with adequate representation of the experimental data (4.3% AARD), 
reasonable coherence with the original model, as only 3 out of 7 parameters were refitted, 
and good agreement between all the three data sets (hydroxides, carbonates and blends).  
The model with only refitted    as shown by the third column of Table 4, is still reasonable 
and by using this, one  avoids losing the generality of the original (Weisenberger and 
Schumpe, 1996) model. The suggested model with refitted     ,         and      , however, is 
better for hydroxide and carbonate systems with Li+, Na+ and K+ cations and represents the 
experimental results with very good accuracy. The statistical details with comparisons of 
average absolute relative deviation (AARD) for the three datasets, hydroxides, carbonates 
and blends, are provided in   Table 5. As shown by Table 5, a total of 190 experimental points 
were used for the parameter fitting. The original Weisenberger and Schumpe’s  model shows 
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7.1% AARD, the model with refitted    improves the AARD to 6.1% and finally, the suggested 
model with refitted     ,         and      represents the experimental data with 4.3% AARD. 
Hydroxides are the best represented data where the suggested refitted model has only 2.1% 
AARD.  
As previously mentioned, Figure 8 presents the blends of hydroxides and carbonates with the 
same cation while Figure 9 shows the blends of hydroxides and carbonates with different 
cations. It has been observed that blends with same cation and different anions, as shown by 
Figure 8, are well predicted (less than 6% AARD) by the proposed model while the blends 
with different cations and same anion as shown by Figure 9, display higher deviations. The 
deviations for blends are within experimental uncertainties as shown by the ±10% error bars 
on the experimental data. Although all experimental work was performed with intense care, 
it is evident from repeated experiments on identical solutions of 2.5M LiOH (0.4% average 
SD), 0.5M, 1M and 2M LiOH (1.3% average SD), and 1M NaOH+0.5M Na2CO3 (0.9% average 
SD), that experimental uncertainties, apart from other factors related to experimental set-up 
and procedure, strongly depend on human error involved in preparation of solutions, 
especially when solutions of solid solutes are prepared on molar basis. These uncertainties 
are expected to increase with the addition of more components, as in the case of blends. 
Hence, the experimental data for LiOH are presented with ±6% error bars and the data for 
blends with ±10% error bars. 
 
Conclusions 
The apparent Henry’s law constant for the solubility of N2O into water, aqueous solutions of 
hydroxides containing  lithium, sodium and potassium counter ions and blends of hydroxides 
with carbonates were experimentally determined in the temperature range (25-80°C) and 
the concentration (0.08-3M). The values for the apparent Henry’s law constant at infinite 
dilution of hydroxides deduced from experimental data, experimental data for water 
measured in this work and Jou’s correlation (Jou et al., 1992) for  the solubility of N2O into 
water, agree well with a standard deviation of 0.04 [kpa.m3.mol-1]. Additionally, the densities 
of water, aqueous solutions of hydroxides and/or carbonates were measured with an Anton 
Paar Stabinger Density meter for the temperature range (25-80°C). The density data 
measured in this work display less than 0.3% AARD when compared with the Laliberté and 
Cooper density model (Laliberte and Cooper, 2004) based on literature data.  By using the 
experimental data from this work and from(Knuutila et al., 2010b), the ion specific 
parameters in the model of Weisenberger and Schumpe (Weisenberger and Schumpe, 1996) 
for Li+, CO3
2-  and the gas specific parameter for the temperature effect  on N2O,    , were 
refitted. The range of the model with refitted parameters is extended to concentrations up to 
3M and temperatures up to 80°C providing reasonably good representation (4.3% AARD) of 
experimental data for hydroxides, carbonates and blends of Li+, Na+, and K+ counter ions.  
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Appendices 
 
Table A1: Density Data for water form 25-80°C 
Density [g.cm
-3
] Temperature [°C] Average 
Experimental 
 
25 30 40 50 60 80  
0.99809 0.99572 0.99222 0.98813 0.98327 0.97410  
0.99818 0.99571 0.99223 0.98812 0.98328 0.97529  
0.99812 0.99549 0.99221 0.98811 0.98329 0.97291  
0.99710 0.99948 0.99224 0.98813 0.98330 0.97305  
0.99709 0.99948 0.99223 0.98812 0.98329 0.97187  
0.99704 0.99948 0.99226 0.98812 0.98328 0.97423  
0.99710 0.99570 0.99222 0.98810 0.98339 0.97227  
0.99709 0.99569 0.99223 0.98810 0.98338 0.97095  
0.99704 0.99572 0.99236 0.98811 0.98329 0.97409  
0.99707 0.99571 0.99233 0.98812 0.98328 0.97405  
Average [g.cm
-3
] 0.99739 0.99682 0.99225 0.98812 0.98331 0.97328  
*Standard Deviation  4.8E-04 1.7E-03 4.8E-05 1.0E-05 4.1E-05 1.2E-03 6.0E-04 
Density model of 
Wanger et al., 2002 
[g.cm
-3
] 
0.99676 0.99535 0.99203 0.98803 0.98337 0.97204  
% AARD  0.033 0.131 0.087 0.002 0.003 0.064 0.053 
 
Table A2: Density data for Hydroxides of Li+, Na+ and K+ from 25-80°C 
 LiOH NaOH KOH 
Temperature 
[°C ] 
Conc. 
[wt.%] 
Density 
 [kg.m
-3
] 
Conc. 
[wt.%] 
Density 
[kg.m
-3
] 
Conc. 
[wt.%] 
Density 
[kg.m
-3
] 
25 0.024 997.86 0.02 1001.95 0.246 1001.34 
25 0.12 998.76 0.04 1001.11 0.491 1003.54 
25 0.239 1003.5 0.2 1000.13 2.414 1020.64 
25 1.187 1011.02 1.959 1020.71 4.731 1041.56 
25 2.343 1024.27 3.846 1039.91 9.115 1081.33 
25 4.579 1048.22 7.417 1078.61 - - 
30 0.024 996.44 0.02 999.5 0.246 999.97 
30 0.12 997.55 0.04 999.67 0.491 1002.12 
30 0.239 1002.05 0.2 998.72 2.414 1019.06 
30 1.187 1009.54 1.959 1017.71 4.731 1039.81 
30 2.343 1022.19 3.846 1038.08 9.115 1079.28 
30 4.579 1045.86 7.417 1076.51 - - 
40 0.024 993.03 0.02 993.32 0.246 996.53 
40 0.12 994.12 0.04 996.16 0.491 998.65 
40 0.239 998.6 0.2 995.26 2.414 1015.35 
40 1.187 1006.02 1.959 1013.92 4.731 1035.87 
40 4.579 1042.2 3.846 1033.95 9.115 1075 
40 - - 7.417 1071.93 - - 
50 0.024 990.32 0.02 990.51 0.246 993.84 
50 0.12 991.79 0.04 990.85 0.491 994.7 
50 0.239 994.45 0.2 990.5 2.414 1011.03 
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Table A3: Density data for blends of hydroxides and carbonates of Li+, Na+ and K+ from 25-
80°C 
Solution T 
[°C ] 
Density 
[kg.m
-3
] 
Solution T 
[°C ] 
Density 
[kg.m
-3
] 
*1M (2.18 wt.%)  LiOH 
+ 
2 M(7.27 wt.%) NaOH  
 
25 1101.2 *1M (3.71 wt.%) NaOH 
+ 
0.5M (4.91wt.%) Na2CO3 
 
25 1089.2 
30 1099 30 1087.1 
40 1094.3 40 1082.5 
50 1090.3 50 1078.5 
60 1085.2 60 1071.1 
80 1075.6 80 1056.7 
*0.52M(1.96wt.%)NaOH  
+ 
 0.46 M(2.45 wt.%)KOH 
 
25 1040.6 *1.17M(4.28 wt.%) KOH 
+ 
0.5M(4.89 wt.%) Na2CO3 
 
25 1090 
30 1038.7 30 1087.3 
40 1034.8 40 1083.4 
50 1030.9 50 1079.7 
60 1026.2 60 1075.2 
80 1015.9 80 1064.9 
*1.03M(3.9 wt.%)NaOH  
+ 
0.46M(2.44 wt.%) KOH 
 
25 1059.4 *1.24M(4.54 wt.%) KOH 
+ 
0.5M(6.34 wt.%) K2CO3 
 
25 1095.6 
30 1057.5 30 1093.6 
40 1053.3 40 1089.2 
50 1049.3 50 1085.3 
60 1044.8 60 1080.7 
80 1035.6 80 1070.3 
*0.5M(1.79 wt.%) NaOH 
+ 
1M (9.49 wt.%) Na2CO3 
 
25 1117.6 
 
 
 
30 1115.4 
40 1110.5 
50 1106.5 
60 1102 
80 1091.7 
* All molar concentrations are stated at 25°C. 
50 1.187 1001.85 1.959 1009.55 4.731 1031.67 
50 2.343 1014.38 3.846 1029.41 9.115 1070.28 
50 4.579 1037.82 7.417 1069.83 - - 
60 0.024 986.6 0.02 984.35 0.246 988.92 
60 0.12 988.32 0.04 987.24 0.491 989.84 
60 0.239 990.1 0.2 986.28 2.414 1006.35 
60 1.187 997.11 1.959 1004.64 4.731 1026.65 
60 2.343 1009.69 3.846 1024.42 9.115 1065.54 
60 4.579 1033.15 7.417 1062.07 - - 
70 0.024 980.75 0.02 982.61 0.246 982.37 
70 0.12 983.12 0.04 982.02 0.491 987.49 
70 0.239 981.26 0.2 980.97 2.414 1002.21 
70 1.187 991.62 1.959 999.4 4.731 1021.36 
70 2.343 1004.58 3.846 1019.13 9.115 1061.19 
70 4.579 1028.15 7.417 1056.75 - - 
80 0.024 973.88 0.02 975.31 0.246 977.42 
80 1.187 986.13 1.959 993.87 2.414 995.61 
80 2.343 1000.46 3.846 1013.68 9.115 1055.48 
80 4.579 1023.45 7.417 1051.31 - - 
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Table A4: Reproducibility of results for apparent Henry’s law constant from 25-80°C 
Solution 
Identity 
T 
[°C ] 
H  
[kPa.m
3
.kmol
-1
] 
  Set-1 Set-2 Set-3 Average SD  %SD 
Water 25 4025.1 3957.6 4093.2 4025.3 55.4 1.4 
30 4589.4  - 4589.4 - - 
40 5819.9 5767.9 5910.8 5832.8 59.1 1 
50 - - 7227.1 7227.1 - - 
60 8570.8 8457.3 8569.7 8532.6 53.3 0.6 
80 11376.7 11225.6 11307.2 11303.1 61.7 0.5 
100 - 14806 - 14806 - - 
120 - 16504 - 16504 - - 
Average  - - - - 57.4 0.9 
2.5M LiOH 25 8763.3 8880.8 - 8822.1 58.7 0.7 
40 12129.4 12194.2 - 12161.8 32.4 0.3 
50 14611 14650.6 - 14630.8 19.8 0.1 
60 17247.6 17126.9 - 17187.2 60.4 0.4 
80 22510.9 22379.9 - 22445.4 65.5 0.3 
Average  - - - - 47.4 0.4 
 
Table A5: N2O solubility data for hydroxides of Li+, Na+ and K+ from 25-80°C 
T 
[°C] 
[wt. %] Molarity 
[mol.L
-1
] 
H 
[kPa.m
3
.kmol
-1
] 
T 
[°C] 
[wt. %] Molarity 
[mol.L
-1
] 
H 
[kPa.m
3
.kmol
-1
] 
LiOH NaOH 
25 0.239 0.10 4246 25 0.402 0.1 4291 
25 1.193 0.50 4550 25 2.000 0.51 5211 
25 1.195* 0.50 4754 25 3.867 1.01 6293 
25 2.344 1.00 5612 25 7.483 2.03 9462 
25 2.344* 1.00 5478 40 0.402 0.1 6285 
25 4.588 2.02 7770 40 2.000 0.51 7261 
25 4.658* 2.04 7503 40 3.867 1 8593 
40 0.239 0.10 6136 40 7.483 2.02 13340 
40 1.193 0.50 6620 50 0.402 0.1 7735 
40 1.195* 0.50 6733 50 2.000 0.5 8910 
40 2.344 1.00 7958 50 3.867 1 10773 
40 2.344* 1.00 7708 50 7.483 2.01 16334 
40 4.588 2.01 10668 60 0.402 0.1 9007 
40 4.658* 2.03 10532 60 2.000 0.5 10724 
50 0.239 0.10 7485 60 3.867 0.99 12671 
50 1.195 0.50 8183 60 7.483 2 19013 
50 2.344 0.99 9452 80 0.402 0.1 11662 
50 2.344* 0.99 9244 80 2.000 0.5 14356 
50 4.588 2.00 12834 80 3.867 0.98 16962 
50 4.658* 2.02 12859 80 7.483 1.97 24917 
Chapter 5  Paper I 
90 
 
60 0.239 0.10 8784 KOH 
60 1.193 0.50 9590 25 0.504 0.08 4199 
60 1.195* 0.50 9659 25 2.459 0.44 4878 
60 2.344 0.99 11103 25 4.800 0.88 5589 
60 2.344* 0.99 10870 25 8.118 1.79 7817 
60 4.588 1.99 15106 40 0.504 0.08 6123 
60 4.658* 2.01 15282 40 2.459 0.44 7063 
80 0.239 0.10 11510 40 4.800 0.88 7949 
80 1.193 0.49 12192 40 8.118 1.77 11020 
80 1.195* 0.49 12638 50 0.504 0.08 7593 
80 2.344 0.98 14852 50 2.459 0.44 8572 
80 2.344* 0.98 14077 60 0.504 0.08 8988 
80 4.588 1.97 19391 60 2.459 0.43 9995 
80 4.658* 1.99 20190 60 4.800 0.87 11482 
* Repeated sets of experiments with almost same molar concentrations 
but solutions were not identical. 
 
**The results for 2.5M (5.647 wt.%) LiOH are given in Table A4. The 
molarity of this solution changed from 2.53M to 2.47M in temperature 
range 25-80°C. 
60 8.118 1.76 15692 
80 0.504 0.08 11423 
80 2.459 0.43 12800 
80 4.800 0.86 15501 
80 8.118 1.73 20298 
 
Table A6: N2O solubility data for blends of hydroxides and carbonates from 25-80°C 
Solution T 
[°C] 
H 
[kPa.m
3
.kmol
-1
] 
Solution T 
[°C] 
H 
[kPa.m
3
.kmol
-1
] 
1.01M (2.2 wt.%) LiOH 
+ 
2.02M (7.3 wt.%)  NaOH 
25 12207 0.89M (5.19 wt.%) KOH  
+ 
0.5M (4.9 wt.%)  Na2CO3 
25 8228 
40 16261 40 11365 
50 - 50 13678 
60 22725 60 15902 
80 29035 80 20003 
0.52M(1.99 wt.%) NaOH 
+ 
0.45M (2.78 wt.% ) KOH 
25 5699 0.88M (4.54 wt.%) KOH 
+ 
0.5M (6.34 wt.%) K2CO3 
25 7882 
40 7955 40 11038 
50 9575 50 13540 
60 11221 60 15824 
80 14260 80 20305 
1.04M (3.9 wt.%)  NaOH 
+ 
0.46M (2.8 wt.%)  KOH 
25 6888 0.58M (2.02 wt.%) NaOH 
+ 
1.23M(11.38wt.%)Na2CO3 
25 10948 
40 9564 40 15535 
50 11394 50 19296 
60 13287 60 23296 
80 16481 80 30308 
1.01M (3.7 wt.%) NaOH 
+ 
0.51M (4.9 wt.% )Na2CO3 
 
25 9444 *1M (3.68 wt.%) NaOH 
+ 
0.5M (4.85 wt.%) Na2CO3 
25 9321 
40 13100 40 13125 
50 16074 50 15744 
60 18781 60 18496 
80 24141 80 23241 
* Repeated set of experiments show standard deviation of 0.89%.
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Kinetics of the absorption of carbon 
dioxide into aqueous hydroxides of 
lithium, sodium and potassium and 
blends of hydroxides and carbonates  
Shahla Gondal, Naveed Asif, Hallvard F. Svendsen, Hanna Knuutila*  
Department of Chemical Engineering, Norwegian University of Science and Technology, N-
7491 Trondheim, Norway 
ABSTRACT 
In the present work the rates of absorption of carbon dioxide into aqueous hydroxides (0.01–
2.0 kmol m−3) and blends of hydroxides and carbonates with mixed counter ions (1–
3 kmol m−3) containing     Li+, Na+ and K+ as cations were studied in a String of Discs Contactor 
(SDC). The temperature range was 25–63°C and the conditions were such that the reaction of 
CO2 could be assumed pseudo-first-order.  The dependence of the reaction rate constant on 
temperature and concentration/ionic strength and the effect of counter ions were verified 
for the reaction of CO2 with hydroxyl ions (OH
-) in these aqueous electrolyte solutions. The 
infinite dilution second order rate constant      
  was derived as an Arrhenius temperature 
function and the ionic strength dependency of the second order rate constant,     , was 
validated by the widely used Pohorecki and Moniuk model (Pohorecki and Moniuk, 1988) 
with refitted parameters. The contribution of ions to the ionic strength and the model itself, 
was extended to the given concentration and temperature ranges. The model with refitted 
parameters represents the experimental data with less than 12% AARD. 
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1. Introduction 
The reactions occurring during absorption of CO2 into aqueous solutions of hydroxides can be 
expressed by the following equations: 
                                                                                                                                                         
         
      
                                                                                                                               
    
     
                                                                                                                                       
The rate of physical dissolution of gaseous CO2 into the liquid solution, Eq. (1), is  high and 
the equilibrium at the interface can be described by Henry’s law (Pohorecki and Moniuk, 
1988). Since reaction Eq. (3) is a proton transfer reaction, it has a very much higher rate 
constant than reaction Eq. (2)  (Hikita et al., 1976). Hence, reaction Eq. (2) governs the overall 
rate of the process. Hydration of CO2, Eq. (2), is second order, i.e. first order with respect to 
both CO2 and OH
− ions and the rate of reaction on concentration basis can be expressed by 
the equation:  
                        
                                                                                                       
Here        
              is the second order rate constant,       and       are molar 
concentrations [        ] of hydroxide and carbon dioxide respectively. 
It has been known that in the concentration based kinetic expression, the second order rate 
constant       
              depends both on the counter ion and the composition of 
the solution [(Pohorecki and Moniuk, 1988); (Haubrock et al., 2007); (Knuutila et al., 2010c)]. 
Since both OH− and CO2 concentrations have a direct effect on the reaction rate kinetics, 
correct modeling or measurement of them is important (Knuutila et al., 2010c). The 
concentration of CO2 at the interface is typically found via solubility models proposed by 
[(Schumpe, 1993); (Weisenberger and Schumpe, 1996); (Gondal et al., 2014a)] or earlier 
methods, like the models given by (Danckwerts, 1970b) or (Van Krevelen and Hoftijzer, 
1948). However, due to the chemical reaction between CO2 and hydroxyl ions, it is suggested 
that the N2O analogy can be employed to estimate the concentration of CO2 at the interface 
(Versteeg and Van Swaalj, 1988). 
The reaction rate constant for reaction Eq. (2) has previously been published by several 
authors [(Knuutila et al., 2010c), (Kucka et al., 2002), (Pohorecki and Moniuk, 1988), 
(Pohorecki, 1976), (Barrett, 1966), (Nijsing et al., 1959), (Himmelblau and Babb, 1958), 
(Pinsent et al., 1956), (Pinsent and Roughton, 1951)]. The rate constants measured by above 
mentioned authors were limited either by temperature and concentration ranges or were 
based on only one counter ion (Na+ or K+). The motivation behind the present work is to see 
the effect of different counter ions (Li+, Na+ and K+) on the reaction rate constant for wider 
range of temperatures and concentrations.  
Classically, the kinetic constant for electrolyte solutions is expressed as  function of ionic 
strength (Astarita et al., 1983) 
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In Eq. (5),     
 is the infinite dilution reaction rate constant,   is the ionic strength of solution 
and   is a solution dependent constant.  
Ideally, the infinite dilution kinetic constant should be independent of cation and is an 
Arrhenius type temperature function expressed as, 
    
                     (
  
  
)                                                                                                      
where   [m3.kmol-1.s-1] is the pre-exponential factor,     [kJ.kmol
-1] is the reaction activation 
energy, R [8.3144 kJ.kmol-1.K-1] is the ideal gas law constant and   [K] is absolute 
temperature.  
In  the model proposed by (Pohorecki and Moniuk, 1988), they theoretically justified that it 
seems more logical to use a correlation containing contributions characterizing the different 
ions, rather than different compounds present in the solution. They proposed the model 
given by Eq. (7). 
   
    
    
    ∑                                                                                                                                            
where       [kmol.m
-3] is the ionic strength of an ion,       [m
3.kmol-1] is an ion specific 
parameter and     
    is the apparent rate constant for the reaction in Eq.(2) in the infinite 
dilute solution. Its value at any temperature (18-41°C) can be calculated by Eq.(8) (Pohorecki 
and Moniuk, 1988). 
       
           
    
    
               
                                                                       
2. Experimental section 
2.1. Materials 
The purity and suppliers of all chemicals used for the experimental work are given in Table 1. 
The purity of KOH as provided by the chemical batch analysis report from MERCK was 
relatively low. Thus it was determined analytically by titration against 0.1N HCl and was 
found to be 88 wt.%; the rest being water. All other chemicals were used as provided by the 
manufacturer without further purification or correction. 
Table 1: Purity and suppliers of chemicals used for experimental work 
Name of Chemical Purity Supplier 
LiOH Powder, reagent grade, > 98% SIGMA-ALDRICH 
NaOH > 99 wt.%, Na2CO3 < 0.9% as impurity VWR 
KOH *88 wt.% MERCK 
Na2CO3 > 99.9 wt.% VWR 
K2CO3 >   99 wt.% SIGMA-ALDRICH 
CO2  gas  ≥ 99.999 mol% YARA-PRAXAIR 
N2 gas  ≥ 99.6 mol% YARA-PRAXAIR 
* The purity is based on the titration results against 0.1M HCl. Since the purity was relatively low, all 
experimental data of KOH are presented after correction for purity.   
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All the  solutions used  for absorption experiments were prepared at room temperature on 
molar basis by dissolving known weights of chemicals in deionized water and the total weight 
of deionized water required to make a particular solution was also noted. Therefore the 
weight fractions of all chemicals and water for all molar solutions were always known. 
2.2. Kinetic experiments 
The absorption rate of CO2 into solutions of hydroxides and blends of hydroxides and 
carbonates were measured for concentrations 0.01–3 kmol.m−3 and for temperatures 25–
60°C using the string of discs contactor (SDC) apparatus shown in Fig. 1. The SDC apparatus 
was previously used for kinetics measurements by [(Luo et al., 2012); (Aronu et al., 2011); 
(Knuutila et al., 2010c); (Hartono et al., 2009); (Ma'mun et al., 2007)].   
The apparatus consists of a fan driven gas circulation loop where the gas passes along the 
string of discs at a velocity independent of the CO2 absorption flux. This ensures low gas film 
resistance. The absorption flux is determined by a mass balance between inert gas and CO2 
entering the gas circuit through calibrated mass flow meters, and the gas leaving the circuit 
through the CO2 analyzer. Two Bronkhorst Hi-tech mass flow controllers were applied to 
control the feed gas mixture of CO2 and N2. The gas flow in the circulation loop fan was 
controlled by a Siemens Micro Master Frequency Transmitter. A Fisher–Rosemount BINOS 
100 NDIR CO2 analyzer measured the circuit gas phase CO2 concentration while a peristaltic 
liquid pump (EH Promass 83) was used to adjust the liquid rate. The apparatus is equipped 
with K-type thermocouples at the inlet and outlet of both the gas and liquid phases. 
Calibration mixtures of CO2 and N2 were used for calibration of the analyzers before the start 
of each experiment. The SDC column operated in counter current flow with liquid from top 
and gas from bottom.  
 
Figure 1: String of Discs Contactor (SDC) kinetic apparatus (Hartono et al., 2009) 
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The unloaded solutions of hydroxide or blends with carbonate were passed through the 
column with a flow rate of ∼51 mL/min. For every concentration and temperature, the set 
liquid rate was above the minimum value required to ensure that the flux of CO2 into solution 
was independent of liquid flow rate; a condition required for the pseudo-first order 
assumption to be valid.  The same procedure was used by (Luo et al., 2012); (Aronu et al., 
2011); (Knuutila et al., 2010c) and (Hartono et al., 2009). When the column attained the 
required temperature, a known mixture of CO2 and N2 was circulated through the column 
with makeup gas added to maintain the CO2 level in the gas. Steady state was considered to 
be achieved when the CO2-analyzer and temperature transducers indicated constant values. 
All the data were recorded, using Field Point and LabVIEW data acquisition systems. Average 
values of state variables were calculated over a 10–25 minutes of steady state operation and 
were used for the evaluation of kinetics. A  more detailed description of the apparatus and 
experimental procedure is found in (Ma'mun et al., 2007). 
3. Overall mass transfer coefficient 
The absorption of CO2 into an aqueous solution can be imagined as a process of CO2 transfer 
from the bulk gas phase to the gas/liquid interface and then through a reaction zone to the 
bulk of liquid. Using a film model, the driving force for mass transfer can be taken as the bulk-
interface concentration difference in the liquid phase and the partial pressure difference in 
the gas phase. Due to continuity, the CO2 flux from the bulk gas to the interface equals that 
from the interface to the bulk liquid. According to the two film theory (Lewis and Whitman, 
1924), the steady state absorption of CO2 can then be described by 
          
          (               )      
 (               )                                   
Where               and             are the partial pressures of CO2 in bulk gas and at the 
interface respectively while              
    and               
    are CO2 
concentrations at the interface and in bulk liquid. Here   
         and 
        
              are liquid side and gas side mass transfer coefficients respectively 
while       is the enhancement factor.  The gas film mass transfer coefficient 
        
              can be calculated as: 
        
              
      
   
                
                                                                           
where                is ideal gas law constant,      is absolute temperature. The value of 
      
    is calculated according to the method described by (Ma'mun et al., 2007). 
The enhancement factor describes the effect of chemical reaction on the liquid side mass 
transfer coefficient, and can be defined as the ratio of   , in the presence of chemical 
reaction, to the   
  , in the absence of chemical reaction, for identical mass transfer driving 
force.  
 The CO2 flux          
       can be expressed as the product of an overall mass transfer 
coefficient and the logarithmic mean pressure difference between inlet and outlet of the SDC 
contactor. 
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where          
             , is gas phase based overall mass transfer coefficient,  
    
                 is CO2 fed to the system from the mass flow controllers and 
    
                 is CO2 going out from system through the bleed.               is the 
log mean pressure difference defined as: 
              
(    
        
  )  (    
         
   )
  
(    
        
  )
(    
         
   )
                                                                       
where      
        and      
          are the equilibrium pressures of CO2 over the liquid at 
the SDC contactor inlet and outlet. These can be considered to be zero because the solution 
is unloaded when it enters the column and the degree of absorption of CO2 in the column is 
very small. It should be noted that since the gas flow rate in the SDC is large compared to the 
flow of CO2 through the system, the difference between     
           
    is very small and the 
driving force can be equally well calculated by the arithmetic mean      
       
       . 
Hence the overall mass transfer coefficient           
              can be calculated 
directly, merely based on the absorbed CO2 flux and measured partial pressure of CO2 in the 
column as shown in Eq. (11).  
4. Evaluation of kinetic constants 
The liquid phase equilibrium concentration of CO2 at the interface is governed by Henry’s law 
and can be calculated by use of an apparent Henry’s law constant 
    
                  
    
 
    
                                                                                                                
By introduction of the apparent Henry’s law constant     
                  for equilibrium 
concentration at interface in Eq. (9), the experimentally determined gas phase mass transfer 
coefficient can be expressed as: 
          
              
 
 
  
 
    
   
  
   
                                                                                        
The enhancement factor,        , can be typically estimated by use of Hatta number. The 
Hatta number      is defined as 
      
√      
  
                                                                                                                                     
 
where      
       is the diffusivity of CO2 in the liquid solution,   
         is the liquid 
side mass transfer coefficient and     
    is the pseudo first order rate constant. 
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If the reaction kinetics is to be derived from determination of enhancement factors, the 
experiment should be carried out in the pseudo first order regime. For pseudo first order 
irreversible reactions, without the presence of CO2 in the liquid bulk, the expressions for the 
enhancement factor        from different mass transfer models can be found in (Van Swaaij 
and Versteeg, 1992). In this work, the two film theory (Lewis and Whitman, 1924) is used and 
the enhancement factor can be calculated by 
      
  
        
                                                                                                                                    
For a first order reaction, in the fast reaction regime (Ha>3), the enhancement factor is 
                                                                                                                                                         
 
The requirements for the use of the pseudo first order approximation (Danckwerts, 1970b), 
must be fulfilled. The CO2 absorption rate must be independent of liquid flow rate, and the 
Hatta number must be 
                                                                                                                                                   
 
Here, the infinite enhancement factor        is deﬁned as the enhancement factor with 
instantaneous conversion of reactants and the rate of absorption thus completely being 
limited by the diﬀusion of governing components. For the film model, it can be calculated by 
              
                  
           
                                                                                                
 
Here             
       and       
       are diffusivities of the reactant and CO2 
respectively,      is the stoichiometric coefficient of reactant in a balanced chemical 
equation while                
    and             
    are the liquid phase 
concentrations of the reactant and CO2  at interface respectively. The infinite enhancement 
factor for the different mass transfer models can be found in (Van Swaaij and Versteeg, 
1992). 
 
Although Eqs. (18) and (19) are valid only for irreversible reactions, in this work, initial rate 
measurements were performed, where the back reaction is negligible. 
Incorporating the definition of Hatta number     , by Eq. (15) to replace the enhancement 
factor       in Eq. (14) gives: 
    
    
(    
   
)
 
(
 
    
  
 
  
)
 
    
                                                                                                                         
 
Hence the pseudo first order rate constant     
    can be calculated from the 
experimentally determined value of           
             , diffusivity of CO2 
       
       and the value of apparent Henry’s law constant,    
                  by 
use of Eq. (20). The definition of the pseudo first order concentration based kinetic constant 
for reaction Eq. (2) is  
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From this, the second order rate constant     
              or       
              
can be calculated by 
 
      
              
  
     
                                                                                                               
Various enhancement factor        models have been suggested based on a number of mass 
transfer models, ranging from the two film model (Lewis and Whitman, 1924) to the 
penetration model (Higbie, 1935b) and the surface renewal model (Danckwerts, 1970b). For 
pseudo first order reactions, these models yield almost same values at high Hatta numbers 
      and the difference at Hatta numbers above 4 is less than 1% (Knuutila et al., 2010c).  
5. Physicochemical properties 
The calculation of film coefficients and interpretation of the CO2 absorption rates in aqueous 
solutions requires the physicochemical properties including density, viscosity, diffusivity and 
solubility.  
The densities of aqueous solutions were taken from (Gondal et al., 2014a)while Laliberte and 
Cooper’s density model (Laliberte and Cooper, 2004) was used for interpolation of  density 
data at required temperatures. The viscosities of aqueous  solutions were calculated by 
Laliberte’s viscosity model (Laliberté, 2007) and diffusivities were calculated from viscosities 
by use of the Stokes–Einstein viscosity-diffusivity correlations [(Barrett, 1966); (Pohorecki and 
Moniuk, 1988); (Haubrock et al., 2007); (Knuutila et al., 2010c)]. The diffusivity of CO2 in 
water was taken from (Danckwerts, 1970b).  
The N2O solubility in aqueous solutions predicted by the refitted Schumpe’s model 
(Weisenberger and Schumpe, 1996) was taken from (Gondal et al., 2014a) and the N2O 
analogy was used for calculation of CO2  solubility. The N2O and CO2 solubilities in water, to 
be used in the N2O analogy, were taken from (Jou et al., 1992) and (Carroll et al., 1991) 
respectively. The diffusivity ratio (  
    
    
) for the calculation of the infinite enhancement 
factor,             was set equal to 1.7 as suggested by (Hikita et al., 1976). 
6. Results and discussion 
6.1. Mass transfer coefficients 
The gas film coefficient,         
              and the physical liquid film mass transfer 
coefficient,   
         for the SDC apparatus were calculated in the same way as in prior 
publications by [(Luo, Hartono, and Svendsen, 2012); (Aronu, Hartono, and Svendsen, 2011); 
(Knuutila, Juliussen, and Svendsen, 2010); (Hartono, da Silva, and Svendsen, 2009); (Ma'mun, 
Dindore, and Svendsen, 2007)]. The overall mass transfer coefficient  
          
              based on the absorbed CO2 flux and logarithmic mean pressure 
difference in the column was calculated from Eq. (11). The results for aqueous solutions of 
LiOH, NaOH, KOH and their blends are given in Tables A1-A4 respectively.  
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Figure 2: Mass transfer coefficients as function of temperature for 2M LiOH (blue), 2M NaOH (red) 
and 1.76M KOH (green): Liquid film mass transfer coefficient   
      (Δ); Gas film mass transfer 
coefficient      
  (○); Overall mass transfer coefficient       
  (◊). 
The mass transfer coefficients for 2M LiOH, 2M NaOH and 1.76M KOH are illustrated in 
Figure 2 for comparison.  The highest concentrations of hydroxides are selected for 
comparison because the biggest differences based on counter ion (Li+, Na+, K+) are observed 
for the highest concentrations. As shown by Figure 2, it can be observed that values of the 
gas side mass transfer coefficient         
              are higher than the values of the 
physical liquid side mass transfer coefficient   
         for all hydroxides. The values of 
liquid side mass transfer coefficient   
         and overall mass transfer coefficient 
          
              increase while the values of gas side mass transfer coefficient 
        
              slightly decrease with increasing temperature. 
The effect of counter ion on overall and liquid side mass transfer coefficients can be observed 
by viewing the difference in values for different cations; the order of values being Li+<Na+< K+.  
The comparison of the values of gas phase overall mass transfer coefficient, 
          
               and gas film mass transfer coefficient, 
        
             , show that gas side film resistance  is very small as compared to 
overall mass transfer resistance. The contribution of gas side resistance to overall mass 
transfer resistance is less than 1% for the lowest concentrations (0.01M LiOH, 0.01M NaOH 
and 0.0089M KOH) and increases as concentration increases. The highest contribution of gas 
side resistance to overall resistance is observed for 1.76M KOH at 56.3°C where the 
contribution is 15.7%.   It is worth mentioning that the increase in contribution of gas side 
resistance for the higher concentrations is actually increased by the decrease in overall 
resistance due to enhancement by chemical reaction because the gas side resistance does 
not change significantly either by concentration or counter ion as illustrated by Figure 2.  
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Figure 3: Overall mass transfer coefficient        
  as function of temperature for various 
concentrations of LiOH (blue), NaOH (red) and KOH (green). Circles (○): 0.01M (LiOH and NaOH) and 
0.0089M (KOH); Cross (×): 0.05M (LiOH and NaOH) and 0.045M (KOH); Triangles (Δ): 0.1M (LiOH and 
NaOH) and 0.088M (KOH); Diamonds (◊): 0.5M (LiOH and NaOH) and 0.0447M (KOH); Squares (□): 
1M (LiOH and NaOH) and 0.88M (KOH). 
Figure 3 presents the gas phase based overall mass transfer coefficient  
          
              of hydroxides as function of temperature for various ion 
concentrations other than 2M. It can be observed that the values of  
          
              increase with increasing concentration at all temperatures for 
all the three hydroxides.  
6.2. Kinetic constants at infinite dilution 
The calculated values of the pseudo first order rate constant     
    and second order rate 
constant       
              are given in the last two columns of Tables A1-A4. Both rate 
constants are strong functions of temperature and concentration and depend on the counter 
ion with the same trend as seen for liquid side and overall mass transfer coefficients. The 
effect of counter ion is very significant at higher concentrations but becomes negligibly small 
for dilute solutions.  
To obtain an Arrhenius expression for       
              at infinite dilution, the second 
order rate constant data for all hydroxides were regressed as function of temperature by 
linear regression. The obtained data points were plotted as function of concentration for all 
hydroxides at 25°C, 35°C, 40°C, 50°C and 60°C. The same procedure was used by various 
authors [(Knuutila et al., 2010c); (Kucka et al., 2002); (Pohorecki and Moniuk, 1988); (Nijsing 
et al., 1959)]. 
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The 25°C isotherms for all hydroxides are presented in Figure 4. The same trend for the three 
counter ions has been reported in literature at 20°C [(Nijsing et al., 1959); (Pohorecki and 
Moniuk, 1988)].  
 
Figure 4: Second order rate constant,    or       as function of concentration at 25°C for LiOH 
(blue), NaOH (red) and KOH (green). Points (□): Experimental data; Dashed lines:  Linear regression 
trend lines to obtain infinite dilution value,     
 . 
The y-intercept values obtained from the linear regression line of           
              
vs.                         plot as shown by Figure 4 at a particular temperature yield the 
infinite dilution value of         
             . The y-intercept values obtained from the 
isotherms for all the three hydroxides are given in Table 2.  The table also provides the 
infinite dilution values for the second order rate constant       
                 based on 
an average value for all hydroxides along with the standard deviation from the average. As 
shown by the standard deviation values, the differences obtained between the three 
hydroxides is negligible. 
Table 2: Pseudo second order rate constant (     ) for hydroxides of Li
+
, Na
+
 and K
+
 at infinite 
dilution 
       
   , where       
  [m
3
.kmol
-1
.s
-1
]       
      , where     
     [m
3
.kmol
-1
.s
-1
] 
T (°C) LiOH NaOH KOH Average SD 
        
      
     
 
% 
Difference 
25 9.1195 9.0899 9.0811 9.0968 0.016 9.1031 0.07 
35 9.6707 9.6234 9.6634 9.6525 0.021 9.6535 0.01 
40 9.9331 9.8775 9.9375 9.9160 0.027 9.9155 0.01 
50 10.434 10.362 10.460 10.4187 0.041 10.4152 0.03 
60 10.904 10.817 10.952 10.8910 0.056 10.885 0.06 
                            
                   √
∑        
 
 
 
 
 
∑       
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As mentioned previously the effect of the counter ion on the first and second order rate 
constants become small at lower concentrations. For consistency and as a second approach, 
the combined results of both rate constants for 0.01M LiOH, 0.01M NaOH and 0.0089M KOH 
are presented in Figure 5.  
 
Figure 5: Pseudo first order rate constant,     (○) and second order rate constant,    or      (□) as 
function of temperature taken as an average based on the lowest concentrations used (0.01M LiOH, 
0.01M NaOH and 0.0089M KOH). Blue: LiOH; Red: NaOH; Green: KOH; Points: Experimental data; 
Dashed lines: Linear regression trend lines. 
As shown by the linear regression lines in Figure 5, regardless of cation, all data come 
together. The data for both rate constants can be expressed as Arrhenius expressions fitted 
to all the three hydroxides for dilute solutions as follows: 
            
    
    
                    
                                                                                           
                      
      
    
                                   
                              
The last two columns of Table 2 show the values       
     obtained from Eq. (24) and the % 
difference from the values obtained as an average of all hydroxides obtained from infinite 
dilution values       
  given by the different isotherms; as 25°C isotherms are shown in 
Figure 4. It can be noted that the difference between the two values, i.e.       
  and   
      
     , is very small. This reflects the consistency of the results. 
The infinite dilution second order rate constant,       
  obtained for LiOH, NaOH, KOH and 
the average for all hydroxides given in Table 2 were plotted as function of reciprocal of 
absolute temperature to obtain an Arrhenius plot, as shown in Figure 6. The figure illustrates 
that KOH seems to exhibit slightly higher values and a steeper slope compared to LiOH and 
NaOH. The linear regression lines with corresponding equations are also displayed in the 
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figure. The differences in the values at infinite dilution also seem influenced by the counter 
ion. The effect increases with increasing temperature due to the different slopes for the 
cations. 
 
 
Figure 6: Arrhenius plot for infinite dilution second order rate constant,     
   as function of 
temperature.  Points (□,◊):       
  as obtained from infinite dilution values (y-intercepts of      
isotherms as function of concentration at 25°C, 35°C , 40°C,  50°C and 60°C); Blue: LiOH; Red: NaOH; 
Green: KOH; Black: Averages of LiOH, NaOH and KOH; Dashed lines: Linear regression trend lines. 
 
The Arrhenius expression shown by Eq. (6) for     
                 was obtained by linear 
regression trend line for the average of all three hydroxides obtained from Figure 6 as 
follows: 
      
         
      
    
                  
                                                              
    
                              (
      [         ]
     
)                                                   
When compared to Eq. (6),             is the value of pre-exponential factor,       is the 
value obtained for activation energy           
   , R [8.3144 kJ.kmol-1.K-1] is the ideal gas 
law constant and T [K] is absolute temperature. 
The same expression can be modified to get an expression in the shape of Eq. (8)  which is an 
expression from (Pohorecki and Moniuk, 1988). 
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The infinite dilution models given by Eqs. (25a, 25b, 25c) are valid for a range of temperature 
(25-60°C). A comparison of        
                 values obtained in the present work, 
Eq. (25a) and those from literature is given in Table 3 and illustrated by Figure 7.  
Table 3: Comparison of second order rate constant at infinite dilution (    
 ) with literature 
      
  [m
3
.kmol
-1
.s
-1
] 
T (°C) 0 10 18 20 25 30 41 52 60 70 
This work (Model) - - - *8.81 9.1 9.38 9.97 10.52 10.89 - 
Knuutila et al., 2010 
(Model) 
- - - - - - 10.31 10.95 11.39 11.9 
Kucka et al.,  2002 (Model) - - -  8.95 9.31 10.08 10.79 - - 
Pohorecki and Moniuk, 
1976 (Model) 
- - 8.55 8.68 8.99 9.29 9.930 - - - 
Pohorecki and Moniuk, 
1988 (Model) 
- - - 8.73 9.04 9.35 9.98 - - - 
Barrett, 1966 - - - 8.94 - - - - - - 
Nijsing et al., 1959 - - - 8.46 - - - - - - 
Himmelblau and Babb, 
1958 
- - - 12.5 - - - - - - 
Pinsent et al., 1956 - - - 8.61 9.05 9.36 - - - - 
Pinsent et al., 1951 6.95 7.74 - - - - - - - - 
This work+ Pinsent et al., 
1951 and 1956 (Model) 
7.06 7.84 8.42 8.56 8.91 9.25 9.93 10.58 11.02 - 
* Extrapolated value 
As shown by Table 3 and Figure 7, the values of       
                 obtained by the 
present work (based on averages for LiOH, NaOH and KOH) agree well (less than 1% 
difference) with the apparent value  from the infinite dilution model by (Pohorecki and 
Moniuk, 1988)  at all temperatures even when extrapolated to higher temperatures beyond 
the given ranges of both models. The values obtained by this work agree well (less than 0.5% 
difference) with those from  (Pinsent et al., 1956) at 25°C and 30°C. The values from (Pinsent 
et al., 1956) are slightly lower and the reason may be that they used NaOH which shows 
slightly lower values and a less steep slope. The extrapolation of this work to 20°C agrees 
(less than ±2% difference) with other literature data available except those from 
(Himmelblau and Babb, 1958) which are 42% higher than this work. The model from  (Kucka 
et al., 2002) shows lower values (up to 1%) than this work at 25°C and 30°C but higher values 
(up to 3%) at 41°C and 52°C because the slope given by their model is steeper than that 
obtained by this work. The model given by (Knuutila et al., 2010c) shows higher values (3.5 - 
5%)  than this work and the difference increases with increasing temperature because the 
slope from their model is slightly steeper than that from this work. As earlier discussed, the 
values obtained by this work are lower than those from (Knuutila et al., 2010c) and slopes are 
less steep than those of models from  (Knuutila et al., 2010c) and (Kucka et al., 2002). One of 
the reasons of this trend could be that in both aforementioned publications, infinite dilution 
values were based on the K+ cation only, K2CO3 and KOH respectively. It has been shown in 
Figure 6 that the values obtained from KOH data are slightly higher than those from LiOH and 
NaOH, moreover the slope of KOH data is steeper than those of the other hydroxides 
especially NaOH.  
Chapter 7  Paper III 
127 
 
 
 
Figure 7: Arrhenius plot for infinite dilution second order rate constant,     
   as function of 
temperature.  Points (◊, ○, □, Δ): Experimental data from different literature sources; Dashed lines: 
Models from literature and this work. 
 
The Figure 7 also presents a model obtained by linear regression of data from (Pinsent and 
Roughton, 1951), (Pinsent et al., 1956) plus the averaged values obtained by this work to 
extend the range of the combined model to 0°C. This model is given by Eq. (26) and the 
validity range is 0-63 °C. 
      
         
      
    
              
                                            
The values obtained by this model are shown in the last row of Table 3. 
6.3 Second order rate constant predicted by Pohorecki and Moniuk’s 
Model 
As mentioned earlier, a model for higher concentrations, based on an ionic strength 
contribution of individual ions,  as presented by Eq. (7) and Eq. (8), was proposed by 
(Pohorecki and Moniuk, 1988). The model is valid for 18–41°C and is widely used and 
typically referred in literature for the second order rate constant,      [(Kreulen et al., 1993) 
;(Versteeg et al., 1996); (Kucka et al., 2002); (Haubrock et al., 2005); (Li and Chen, 2005); 
(Haubrock et al., 2007); (Stolaroff et al., 2008); (Knuutila et al., 2010c) ].The values for the 
second order kinetic constant,        
              obtained in this work for hydroxides 
and blends of hydroxides with carbonates were compared with this model and the parity plot 
comparing experimental data with the model is given in Figure 8. 
6
11
0.0028 0.0033 0.0038
 ln
k∞
O
H
-[
m
3 .
km
o
l-1
.s
-1
] 
 
1/T [K-1] 
This work
Knuutila et al., 2010
Kucka et al.,  2002
Pohorecki and Moniuk, 1988
Pohorecki and Moniuk, 1976
Barrett, 1966
Nijsing et al.,  1959
Pinsent et al., 1956
Pinsent et al., 1951
This work+Pinsent et al., 1951 and 1956
Chapter 7  Paper III 
128 
 
 
Figure 8: Parity plot for the original Pohorecki and Moniuk’s model and experimental data. 
Blue (□): LiOH; Red (□): NaOH; Green (□): KOH; Purple (○): Blends of hydroxides and 
carbonates. 
 
Table 4: Statistics comparing new data with Pohorecki and Moniuk Model (Pohorecki and Moniuk, 
1988) 
Solutions No. of Data 
points 
%AARD with Original 
parameters  
%AARD with refitted 
parameters  
LiOH 30 13.5 9.3 
NaOH 38 11.2 11.4 
KOH 35 16.7 14.4 
Blends 35 12.9 12.0 
Total 138 14.2 11.6 
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The original model by (Pohorecki and Moniuk, 1988) represents the experimental data with 
14.2% AARD (Average Absolute Relative Deviation). From Figure 8 it is seen that data for KOH 
and blends are under-predicted at higher temperatures and concentrations while data for 
LiOH are over-predicted at higher concentrations. Detailed statistics for the comparison are 
given in Table 4. As shown by the last column in Table 4, the parameters in the model were 
refitted and the AARD reduced to 11.57%. The values of all parameters used in the original 
and refitted models are given in Table 5 and the parity plot for the refitted model is shown in 
Figure 9. The refitted values for parameters A and B shown in Table 5 are those obtained for 
the infinite dilution model in this work as given by Eq. (25c). 
 
0
2
4
6
8
10
12
14
16
18
20
0 5 10 15 20
P
re
d
ic
te
d
 k
O
H
-×
1
0
-4
 [
m
3
.k
m
o
l-1
.s
-1
] 
Measured kOH-×10
-4  [m3.kmol-1.s-1] 
Chapter 7  Paper III 
129 
 
Table 5: Pohorecki and Moniuk Model  (Pohorecki and Moniuk, 1988) with original and re-fitted 
parameters 
       
    
     
  ∑                     
    
 
 
    
  
and                  
    
 
    
       
                         
Parameters Original  Refitted  Change w.r.t. original value 
  11.916 11.365 4.6% decrease 
B [K] 2382 2211 7.2% decrease 
     [m
3.kmol-1] -0.050 -0.193 286% increase 
    [m
3.kmol-1] 0.12 0.0971 19.1% decrease 
   [m
3.kmol-1] 0.22 0.301 36.8% increase 
    [m
3.kmol-1] 0.22 0.28 27.3% increase 
     [m
3.kmol-1] 0.085 0.134 57.7% increase 
     is ionic strength of the ion in solution,    is charge number of the ion and    is concentration of the ion in solution. 
 
 
 
 
Figure 9: Parity plot for the Pohorecki and Moniuk’s model with refitted parameters and 
experimental data. Blue (□): LiOH; Red (□): NaOH; Green (□): KOH; Purple (○): Blends of hydroxides 
and carbonates. 
As shown by Figure 9, the under-predictions for KOH and the blends and the over-predictions 
for LiOH were improved by re-fitting the parameters. The AARD for KOH is reduced from 
16.7% to 14.4% and for LiOH from 13.5% to 9.3%. Any other attempt to refit the parameters 
did not result in further improvement of AARD. Here it is important to see that the 
contribution of Li+ to the value of       
              appears with negative sign in both 
models although the effect is more significant in the re-fitted model. The effect on AARD for 
NaOH is very small (11.2% to 11.4%) and the improvement for the blends is from 12.9% to 
12.0%.  
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In the re-fitted model, due to slightly lower values of A, B and      
  obtained in this work as 
given by Eq. (25c) when compared to (Pohorecki and Moniuk, 1988); the contribution of all 
ions is increased (for Li+ negative effect) except that of Na+ which is decreased by 19.1%. This 
decrease is justified by the fact that      
  values obtained from NaOH data are slightly lower 
than the used average value of      
  in this work and the effect is compensated by a lower 
value for the Na+ contribution. 
 
 
 
Figure 10: Second order rate constant,    or        as function of temperature for 2M LiOH (blue), 
2M NaOH (red) and 1.76M KOH (green). Points (□): Experimental data; Lines: Pohorecki and 
Moniuk’s model with refitted parameters. 
 
 
Figure 10 illustrates the second order rate constant,    or      as function of temperature 
for 2M LiOH, 2M NaOH and 1.76M KOH. As previously discussed, the reason for the graphical 
illustration of the results at the highest concentration level is to demonstrate the effect of 
counter ion on the value of the kinetic constants. This effect increases with increasing 
concentration. The data for KOH were obtained by two different sets of experiments and the 
values obtained show good reproducibility and agree well. It can be seen that experimental 
and re-fitted model predictions agree well (less than 12% AARD) and show the relatively 
strong effect of the counter ion. The effect of the counter ion on the kinetic constant values 
varies in the same order as earlier discussed for the mass transfer coefficients i.e. Li+<Na+<K+.  
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Figure 11: Second order rate constant,    or        as function of temperature for blends of 
hydroxides and carbonates with same cations, Points: Experimental data; Filled red circles (⦁): 
0.5MNaOH+1M Na2CO3; Open red circles (○): 1MNaOH+0.5MNa2CO3; Open green circles (○): 
0.89MKOH+0.5MK2CO3; Lines: Pohorecki and Moniuk’s model with refitted parameters. 
 
Figure 12: Second order rate constant,    or        as function of temperature for blends of 
hydroxides and carbonates with mixed cations. Points (□, ○): Experimental data; Purple: 
1MLiOH+2MNaOH; Turquoise: 0.89MKOH+0.5MNa2CO3; Orange: 1MNaOH+0.44MKOH; Lemon 
green: 0.5MNaOH+0.44MKOH; Lines: Pohorecki and Moniuk’s model with refitted parameters. 
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Figure 11 and Figure 12 present the      results for blends of hydroxides and carbonates. 
The results demonstrate that blends with same cations, as shown in Figure 11, are better 
predicted by the model than those with mixed cations, as illustrated in Figure 12. The latter 
values show large deviations from the model predictions. The largest deviations were 
observed for 1MLiOH+2MNaOH where under predictions were from 12 to 30%.   A similar 
behavior of blends with mixed cations was reported in (Gondal et al., 2014a) for apparent 
Henry’s law constant predictions by a refitted Weisenberger and Schumpe’s model 
(Weisenberger and Schumpe, 1996). For under prediction of 1MLiOH+2MNaOH,  it may be 
assumed that calculated experimental values of      for this blend might be higher due to 
the higher values of apparent Henry’s law constant obtained from re-fitted Weisenberger 
and Schumpe’s model by  (Gondal et al., 2014a). The over predictions of      for  
0.89MKOH+0.5MNa2CO3  cannot be justified in the same manner because the model values 
for the  apparent Henry’s law constant for  this blend were also reported to be over-
predicted.  
7. Conclusions 
The experimental data measured in a String of Discs Contactor (SDC) under pseudo-first-
order conditions are presented for absorption of carbon dioxide into aqueous hydroxides 
(0.01–2.0 kmol.m−3) and blends of hydroxides and carbonates with mixed counter ions (1–
3 kmol.m−3) containing     Li+, Na+ and K+ for a range of temperatures (25–63°C).   
The dependence of the reaction rate constant on temperature and concentration/ionic 
strength and effect of counter ion is verified for the reaction of CO2 with hydroxyl ions (OH
-) 
in these aqueous electrolyte solutions.  
The infinite dilution second order rate constant,      
                  for LiOH, NaOH and 
KOH are derived as Arrhenius temperature function from measured experimental data.  It is 
observed that though slightly but the infinite dilution values of      are also affected by 
counter ion. An Arrhenius model for infinite dilution second order rate constant,       
   
based on average value of LiOH, NaOH and KOH obtained in this work along with data from 
(Pinsent et al., 1956) and (Pinsent and Roughton, 1951)  has been proposed also  which is 
valid from 0 to 63°C. 
The dependence of second order rate constant,      on ionic strength is validated by the 
original Pohorecki and Moniuk model (Pohorecki and Moniuk, 1988) with less than 15% 
AARD.  The model with re-fitted parameters is valid for range of temperatures (25–63°C) and 
concentrations (0.01–3 kmol.m−3) and predicts the experimental data with less than 12% 
AARD. The blends with same counter ions are better predicted by model with re-fitted 
parameters but blends with mixed counter ions show as large as 30% deviations. 
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Appendices 
Table A1: Kinetic data of CO2 absorption into aqueous lithium hydroxide (LiOH) solutions 
Experiment T 
[°C] 
¤              
[kPa] 
§    ×10
4 
[mol.m-2.s-1] 
a  
  
×104       
[m.s-1] 
bkg ×10
2              
[mol. 
m-2. 
kPa-1.s-1] 
c
   ×10
4  
[mol. 
m-2. 
kPa-1.s-1] 
d         
[-] 
eHa 
[-] 
*k1                                 
[s-1] 
**k2  ×10
-4        
[m3. 
kmol-1.s-1] 
0.01M 
LiOH 
25.02 0.2284 0.339 0.8282 1.58 1.48 195 5 94 0.9 
33.69 0.2578 0.4402 1.0241 1.57 1.71 177 6 157 1.51 
 42.52 0.2502 0.4595 1.2263 1.54 1.84 185 7 221 2.13 
 50.19 0.2353 0.4966 1.4472 1.5 2.11 197 8 340 3.28 
 62.84 0.2119 0.5214 1.7445 1.37 2.46 207 9 567 5.51 
0.05M 
LiOH 
24.75 0.2653 0.8098 0.8119 1.53 3.05 797 11 431 0.87 
33.49 0.2685 0.9121 0.9979 1.5 3.4 810 13 669 1.35 
 42.2 0.2665 1.0006 1.1917 1.47 3.76 838 14 993 2.01 
 50.17 0.2778 1.1619 1.3762 1.43 4.18 818 16 1441 2.93 
 58.81 0.266 1.189 1.6233 1.38 4.47 861 17 1898 3.88 
0.1M LiOH 24.67 0.23 0.9823 0.8094 1.59 4.27 1854 16 897 0.9 
 33.01 0.2109 1.0525 0.9835 1.57 4.99 2082 19 1524 1.53 
 41.68 0.1995 1.129 1.1871 1.51 5.66 2264 22 2397 2.41 
 50.14 0.1918 1.2437 1.3609 1.46 6.49 2406 26 3741 3.78 
 59.1 0.1896 1.4084 1.599 1.37 7.43 2466 30 5764 5.85 
0.5M LiOH 25 0.2097 1.6663 0.7199 1.57 7.95 10345 40 4693 0.94 
 33.54 0.203 1.886 0.903 1.55 9.29 11033 46 8017 1.6 
 42.09 0.1894 2.1886 1.0826 1.52 11.56 12229 59 15326 3.07 
 50.68 0.2031 2.6532 1.3016 1.49 13.06 11715 66 23360 4.7 
 59.12 0.2035 2.9379 1.4572 1.34 14.44 11977 77 33803 6.83 
1M LiOH 24.89 0.2123 1.8896 0.6318 1.52 8.9 20969 59 9399 0.92 
 33.85 0.2106 2.3011 0.7855 1.5 10.93 21880 74 17887 1.75 
 43.06 0.2038 2.6719 0.9668 1.46 13.11 23397 90 31916 3.13 
 52.58 0.1989 2.9326 1.1245 1.32 14.74 24748 106 49361 4.86 
 64.37 0.1914 3.1162 1.437 1.32 16.28 26109 112 71695 7.1 
2M LiOH 25.59 0.2988 2.6341 0.5027 1.58 8.82 29107 100 21312 1.06 
 34.65 0.285 2.9901 0.6527 1.56 10.49 31578 115 37122 1.86 
 43.02 0.287 3.4467 0.7758 1.51 12.01 32381 134 57626 2.89 
 50.61 0.2927 3.9564 0.9235 1.46 13.51 32675 148 83753 4.22 
 59.11 0.3093 4.3825 1.0707 1.32 14.17 31727 156 105281 5.32 
¤ Log mean pressure differene of CO2
 . §CO2 flux.
 aLiquid film mass transfer coefficient. bGas film mass transfer coefficient.  
cOverall mass transfer coefficient. dInfinite Enhancement factor based on film theory. eHatta Number. *Pseudo first order rate 
constant.**Second order rate constant             
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Table A2: Kinetic data of CO2 absorption into aqueous sodium hydroxide (NaOH) solutions 
Experiment T 
[°C] 
             
[kPa] 
    ×10
4 
[mol.m-2.s-1] 
  
  
×104       
[m.s-1] 
kg ×10
2               
[mol. 
m-2. 
kPa-1.s-1] 
   ×10
4  
[mol. 
m-2. 
kPa-1.s-1] 
         
[-] 
Ha 
[-] 
k1                                 
[s-1] 
k2  ×10
-4        
[m3. 
kmol-1. 
s-1] 
0.01M 
NaOH 
24.72 0.2515 0.3471 0.8262 1.52 1.38 104 5 80 0.8 
33.09 0.2186 0.3373 0.9619 1.49 1.54 124 6 125 1.26 
 42.02 0.2183 0.4014 1.1899 1.47 1.84 127 7 219 2.21 
 50.61 0.2324 0.4179 1.4161 1.41 1.8 120 7 246 2.49 
0.01M 
NaOH  
Repeated 
24.81 0.221 0.3227 0.8263 1.53 1.46 118 5 90 0.91 
41.76 0.1866 0.36 1.204 1.5 1.93 149 7 240 2.42 
50.51 0.1959 0.3888 1.4201 1.46 1.98 142 7 300 3.04 
58.6 0.19 0.4104 1.6201 1.39 2.16 143 8 408 4.14 
0.05M 
NaOH 
25.09 0.2429 0.7592 0.8252 1.53 3.13 541 12 451 0.9 
35.33 0.248 0.9071 1.0668 1.51 3.66 557 14 803 1.61 
 43.32 0.264 1.0893 1.2465 1.48 4.13 535 16 1221 2.46 
 47.27 0.2501 1.1162 1.3809 1.48 4.46 570 17 1549 3.13 
 56.16 0.224 1.1788 1.5858 1.37 5.26 639 20 2546 5.16 
0.1M NaOH 26.04 0.2709 1.136 0.8771 1.57 4.19 989 15 881 0.87 
34.12 0.3284 1.5384 1.0375 1.55 4.68 850 18 1353 1.35 
42.35 0.2728 1.4866 1.2494 1.52 5.45 1054 21 2214 2.21 
 50.68 0.2772 1.6617 1.4383 1.48 6 1056 23 3164 3.17 
 59.36 0.2807 1.818 1.6559 1.4 6.48 1043 26 4285 4.31 
0.5M NaOH 25.27 0.2301 2.2704 0.7917 1.43 9.87 5778 49 7633 1.5 
34.12 0.2834 2.7602 0.9573 1.44 9.74 4890 50 9211 1.81 
 43.05 0.249 2.8019 1.1465 1.41 11.25 5761 59 15241 3.01 
 51.5 0.2181 2.9104 1.3632 1.34 13.35 6729 70 26027 5.16 
 59.84 0.2029 2.9454 1.5267 1.2 14.51 7287 80 36655 7.3 
1M NaOH 25.6 0.2377 2.5395 0.7536 1.35 10.68 10155 70 15246 1.52 
 33.97 0.3031 3.297 0.9136 1.36 10.88 8330 72 19278 1.92 
 43.14 0.3013 3.5644 1.086 1.39 11.83 8676 80 27729 2.78 
 51.26 0.2895 4.1403 1.298 1.36 14.3 9271 97 48681 4.9 
 59.04 0.2839 4.4759 1.5102 1.26 15.77 9545 107 69220 6.99 
1M NaOH  
Repeated 
25.18 0.2591 2.5225 0.7625 1.57 9.74 9202 61 12078 1.2 
33.75 0.2629 2.9366 0.9373 1.56 11.17 9550 71 19855 1.98 
 42.82 0.2663 3.4338 1.1399 1.54 12.89 9824 83 32656 3.27 
 50.54 0.2693 3.8897 1.3157 1.48 14.45 9973 95 48300 4.86 
 59.19 0.2676 4.2238 1.5211 1.39 15.78 10189 105 67694 6.84 
2M NaOH 25.82 0.2841 2.8864 0.6283 1.58 10.16 13338 120 39712 1.97 
 34.61 0.2515 3.0163 0.7789 1.56 12 16118 143 68184 3.39 
 42.74 0.2357 3.2333 0.9317 1.52 13.72 18076 164 106025 5.29 
 51.05 0.2544 3.9854 1.0915 1.44 15.66 17397 190 163048 8.16 
 59.08 0.2584 4.3674 1.2611 1.36 16.9 17548 205 217297 10.93 
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Table A3: Kinetic data of CO2 absorption into aqueous potassium hydroxide (KOH) solutions 
Experiment T 
[°C] 
             
[kPa] 
    ×10
4 
[mol.m-2.s-1] 
  
  
×104       
[m.s-1] 
kg ×10
2               
[mol. 
m-2. 
kPa-1.s-1] 
   ×10
4  
[mol. 
m-2. 
kPa-1.s-1] 
         [-
] 
Ha 
[-] 
k1                                 
[s-1] 
k2   ×10
-4        
[m3. 
kmol-1. 
s-1] 
0.0089M 
KOH 
25.19 0.2786 0.3863 0.8246 1.53 1.39 83 5 82 0.92 
34.71 0.2334 0.3979 0.9849 1.5 1.71 104 6 161 1.81 
 44.25 0.2128 0.434 1.2595 1.45 2.04 115 7 284 3.21 
 53.3 0.2212 0.4903 1.4975 1.41 2.22 109 8 396 4.5 
 61.95 0.1885 0.5216 1.7163 1.3 2.77 116 10 714 8.13 
0.045M 
KOH 
24.79 0.2495 0.6946 0.8149 1.52 2.78 464 10 355 0.79 
33.57 0.2534 0.8246 1.0003 1.5 3.25 478 12 610 1.37 
 45.08 0.2218 0.8617 1.2497 1.43 3.89 566 15 1124 2.53 
 55.2 0.2275 0.9446 1.4967 1.31 4.15 557 16 1544 3.49 
 63.9 0.2263 1.0205 1.7252 1.31 4.51 549 18 2075 4.71 
0.088M 
KOH 
24.9 0.2284 0.9481 0.8249 1.57 4.15 1002 16 841 0.95 
33.16 0.1947 0.9759 1.0089 1.54 5.01 1230 19 1528 1.73 
 41.77 0.1902 1.1278 1.2208 1.51 5.93 1303 23 2616 2.97 
 50.26 0.1901 1.2725 1.4294 1.47 6.69 1332 26 3961 4.51 
 58.05 0.193 1.3571 1.6086 1.42 7.03 1316 28 4991 5.7 
0.447M 
KOH 
25.23 0.3098 2.5955 0.7972 1.41 8.38 3633 39 5048 1.13 
34.12 0.2589 2.469 0.9771 1.41 9.54 4556 45 8276 1.85 
 42.87 0.2071 2.469 1.1721 1.41 11.92 5911 58 16149 3.63 
 51.24 0.2242 3.01 1.3329 1.28 13.43 5591 69 24898 5.62 
 59.79 0.2181 3.1475 1.5622 1.34 14.43 5734 73 32929 7.47 
0.88M 
KOH 
25.22 0.2707 2.8152 0.7723 1.58 10.4 7803 59 11405 1.29 
34.48 0.2681 3.1652 0.9473 1.56 11.81 8272 69 18767 2.13 
 42.76 0.2696 3.6035 1.1355 1.51 13.37 8521 79 29354 3.35 
 50.9 0.2684 4.0072 1.3123 1.48 14.93 8742 90 43557 4.99 
 59.7 0.2681 4.3406 1.5011 1.4 16.19 8842 100 60308 6.94 
1.76M 
KOH 
25.7 0.2211 3.328 0.7213 1.43 15.05 17722 133 55524 3.15 
34.39 0.2152 3.6443 0.8772 1.44 16.93 19021 153 88403 5.03 
43.39 0.2038 3.9745 1.0505 1.42 19.5 20829 182 147008 8.4 
 51.41 0.1961 4.3749 1.2115 1.36 22.31 22186 216 234239 13.43 
 59.55 0.1976 4.6713 1.3559 1.22 23.64 22334 242 316860 18.25 
1.76M 
KOH 
Repeated 
24.99 0.2535 3.5864 0.7067 1.55 14.15 15312 123 46859 2.65 
34.41 0.2336 3.8365 0.8684 1.53 16.42 17491 149 81651 4.63 
42.83 0.2355 4.3548 1.0483 1.51 18.49 17950 168 126653 7.21 
 51.45 0.2268 4.6504 1.1589 1.4 20.5 19156 204 190848 10.91 
 56.29 0.2329 4.8705 1.3341 1.33 20.91 18805 198 217485 12.47 
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Table A4: Kinetic data of CO2 absorption into aqueous solutions of blends of hydroxides and 
carbonates of lithium, sodium and potassium 
Experiment T 
[°C] 
       
      [kPa] 
    ×10
4 
[mol.m-2.s-1] 
  
  ×104       
[m.s-1] 
kg ×10
2               
[mol. 
m-2. 
kPa-1.s-1] 
   ×10
4  [mol. 
m-2. 
kPa-1.s-1] 
        
 [-] 
Ha 
[-] 
k1                                 
[s-1] 
k2  ×10
-4        
[m3. 
kmol-1. 
s-1] 
0.5M 
NaOH+1M 
Na2CO3 
25.49 0.3098 0.4773 0.5151 1.54 4.3 6995 73 11987 2.37 
34.35 0.3011 0.4616 0.6457 1.53 5.26 7427 88 21527 4.27 
42.67 0.318 0.4802 0.7748 1.51 6.13 7247 102 34095 6.77 
50.71 0.2936 0.436 0.9179 1.48 7.18 8059 118 53212 10.59 
59.37 0.287 0.3995 1.0821 1.39 8.02 8434 129 74626 14.89 
1M 
NaOH+0.5M 
Na2CO3 
25.52 0.299 0.4726 0.6013 1.58 7.4 14681 89 20431 2.01 
34.27 0.2774 0.4319 0.765 1.56 9.02 16360 106 37193 3.67 
42.71 0.2751 0.4224 0.9286 1.54 10.62 17029 125 61523 6.09 
50.98 0.2693 0.3969 1.1016 1.47 12.14 17904 142 93757 9.31 
58.56 0.2719 0.3643 1.2516 1.34 13.22 18181 156 125962 12.55 
1M LiOH+2M 
NaOH 
26.64 0.256 0.4032 0.506 1.58 10.94 52062 224 112991 3.71 
34.18 0.2613 0.406 0.6147 1.55 12.41 52620 251 170450 5.61 
43.12 0.2621 0.3967 0.7659 1.51 13.96 54248 276 254926 8.42 
51.07 0.2633 0.39 0.8697 1.48 15.37 55456 312 351128 11.64 
58.69 0.2718 0.3784 1.025 1.39 16.57 55098 326 456825 15.21 
0.5MNaOH+
0.44M KOH 
26.25 0.2604 0.3996 0.8237 1.53 11.13 15932 63 14178 1.5 
35.34 0.2517 0.38 1.0039 1.51 12.69 17051 74 23450 2.48 
43.26 0.2511 0.376 1.1575 1.5 14.18 17591 86 35253 3.74 
50.83 0.2493 0.3632 1.3586 1.46 15.69 18214 95 50859 5.42 
59.46 0.2522 0.351 1.565 1.39 16.85 18414 104 68803 7.37 
1M 
NaOH+0.44
M KOH 
24.84 0.2589 0.3956 0.7305 1.53 11.91 24627 93 27355 1.88 
33.94 0.2405 0.3626 0.9072 1.51 13.87 27499 110 47309 3.26 
42.74 0.2287 0.3376 1.0852 1.48 15.89 29881 129 76629 5.3 
50.49 0.2273 0.3239 1.2403 1.42 17.83 30952 150 114482 7.94 
59.04 0.2336 0.3264 1.4442 1.4 19.26 30769 162 155239 10.82 
0.89M KOH 
+0.5M 
Na2CO3 
25.57 0.3019 0.4702 0.6108 1.56 7.75 12817 84 19026 2.13 
34.23 0.3011 0.4652 0.7824 1.55 8.82 13261 92 30150 3.38 
42.75 0.2916 0.4408 0.8854 1.51 10.21 14126 115 48477 5.45 
50.95 0.2841 0.4192 1.054 1.48 11.59 14887 129 72803 8.22 
58.73 0.2911 0.4016 1.2108 1.38 12.54 14874 139 96944 10.98 
0.89M 
KOH+0.5M 
K2CO3 
25.56 0.2715 0.4296 0.6698 1.58 10.61 14378 101 29887 3.34 
34.32 0.27 0.4135 0.819 1.53 12.11 14967 118 49218 5.51 
42.87 0.2648 0.4002 0.9719 1.51 13.75 15759 137 77622 8.72 
50.97 0.2642 0.3875 1.1282 1.47 15.18 16230 154 111835 12.59 
58.78 0.265 0.3592 1.2833 1.36 16.26 16585 167 149232 16.85 
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